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PREFACE

The rapid advance of electrochemistry and its ever closer links 
with and mutual enrichment of other sciences, and the continuous 
expansion of its various branches makes a more or less comprehensive 
presentation of electrochemistry an extreme y difficu t task.

In selecting the material and the order of presentation for this 
work I have been guided by the definition of electrochemistry, gi
ven by Kislyakovsky in 1912, as the science “concerned with the 
study of the phenomena accompanying the direct conversion of 
chemical energy into electrical and vice versa”. This definition was 
taken further by Pisarzhcvsky, who was the first to formulate cle- 
•irlv the prerequisites for mutual conversion of chemical and elect
rical forms of energv and introduce the concept of electrochemical 
<vstem« in which this process is possible. Our presentation is based 
on the theory of electrochemical systems, their constituent parts and 
their possible states. It seems to me that these principles permit one 
to visualize electrochemistry as an integral whole and independent, 
self-contained discipline and clearly define the boundaries separa
tum it from closely related sciences. , , . , , , r

Much attention is paid to disclosing the physical content of 
electrochemical phenomena and the essence of the related theorelica 
conceptions The mathematical apparatus is relatively simple, amt 
onlv the general principles of electrochemical experiment are given. 
Experimental procedures are described in more detail only where it 
is necessary for the understanding of the nature of the process in 
question or the essence of the theoretical views concerned.

In writing this textbook I have tried to cover all the basic aspects 
of theoretical electrochemistry and to reflect as completely as possi
ble the latest advances and trends in its development. I hope that 
this has been accomplished to some extent but though I have tried 
to be objective I have probably not avoided a certain preference
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for what seemed to me more correct, and particularly more important 
and interesting. In this connection it would seem appropriate to 
recall Mendeleyev’s words in the preface to the lifth edition of his 
famous “Fundamentals of Chemistry": — ‘in all objective expositi
ons of science, there will always and inevitably be much that is 
subjective, bearing the stamp of the times and place... separate 
works, like a mirror, will reflect that which is near more clearly 
and strongly... although I have striven to make my book a true 
mirror—what is dear to me has involuntarily been reflected most 
sharply and illuminated more clearly, and presented, through the 
reflection, in all its pristine brightness’. The tru th  of these words 
has probably been felt by everyone who has tried to generalize the 
material of any science or branch of it.

In preparing the original Russian text for this English edition 
I have taken into account the advice and comments of my collea
gues and pupils, to all of whom I express my sincere gratitude. 
Special thanks are due to my wife who contributed so generously 
of her time and experience in selecting the factual material, rea
ding the entire book and making a host of suggestions to improve 
the clarity and rigour of the presentation. W ithout her constant 
help the book would have been impossible. Her many services 
above and beyond the call of duly are gratefully acknowledged.

April 1972
L. / .  Antropov
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PRINCIPAL SYMBOLS

A = Maximum work; a constant in a number of equations 
I, =  Heal energy of ion hydration 
ch =  Chemical energy of ion hydration 

=  Anion (any species) 
a =  Activity; mean ionic diameter; acceleration; a constant in Ta- 

fel's equation 
u =  Mean activity of an electrolyte 
Off =  Total activity of on electrolyte 
B =  A constant in a number of equations 
9C =  Current efficiency of electrolysis 
b =  A constant in Tafel’s equation (2.303 RTlaP) 

b« =  2.303 It TIP 
C — Capacitance (capacity) 
c =  Concentration (molarity); heat capacity 

D =  Dielectric constant 
d =  Density
E =  Electromotive force (cmf)

£» =  Standard omf 
« =  Elementary charge 

=  Free energy (Helmholtz)
P — Faraday's constant (faraday)
/ =  Activity coefficient 

/ ± =  Mean activity coefficient 
G =  Free enthalpy (Gibbs free energy)



18 Principal Symbols

AGch =  Chemical energy of hydration (solvation)
AGr =  Real energy of hydration (solvation)
G* =  Energy of ionic interaction 

g =  Acceleration due to gravity; internal potential; a constant in 
some equations

#20 =  Galvani potential difference (total, or absolute, potential diffe
rence between two phases a  and P) 

g* =  Partial energy of ionic interaction 
H =  Heat contont (enthalpy); heat of hydration 

AUCh =  Chemical heat of hydration 
A //r =  Real heat of hydration

h =  Height; a constant in tho Lcwis-Randall equation 
I  =  Current; ionization energy (potential); electron affinity 
I =  Isotonic factor; current density 

J  — tonic strength 
I =  Volume current density

K =  Equilibrium constant; dissociation constant; solubility product 
Kn — Madclung constant 
Kw =  Ionic product of water 
K+ =  Cation (any species) 

k =  Coefficient of friction; velocity or rate constant; a constant 
in a number of equations 

k =  Boltzmann’s constant 
L =  Solvent 
I =  Length

In  =  Thickness of the Helmholtz double layer 
M =  Any motal; molecular weight 

M+ =  Metallic ion 
m =  Mass; concentration (molality)
JV =  Total number of particles in a system; molar fraction 

Na  =  Avogadro’s number 
n =  Number of particles in unit volume; order of reaction; valency 

nh =  Hydration number 
P - Pressure 
p = Partial pressure

Q =  Thcrmochcmical heat effect per one mole 
Qi — Heat of formation



Principal Symbols

~Qh =  Hcnt of hydration 
Ql  =  Heat of solution
Qs — Heal of solvation; heat of sublimation 

q =  Thcnnochcmical heat effect per one molecule; quantity of electri
city; charge

Jl =  Universal gas constant; electrical resistance 
r =  Rndius; distance 
S =  Solid body (slate); entropy
T =  Absolute temperature (Kelvin temperature); transport (transfe

rence) number according to Washborn 
l =  Centigrade temperature (Celsius temperature); time; transport 

(transference) number
V =  Energy; internal energy; electrochemical cell voltage 

UL =  Ionic energy in solution
Uv =  Ionic energy in vacuum 
Us =  Energy of solvation 

u =  Energy level; activation energy
V =  Volume; dilution; vacuum; gaseous phase
v =  Specific volume; velocity; absolute velocity of ions 

W =  Work 
w =  Velocity of ions
V =  Work of pulling out of ions from crystal lattice (in terms of

one gram-ion)
y =  Work of removing of an ion from crystal lattice (in terms of 

one ion): force 
Z =  Degree of corrosion protection
s — Number of elementary charges; charge of a particle (ion); number 

of electrons participating in reaction 
a (alpha) =  Degree of dissociation; polarizability; Bronsted's coefficient; 

real potential; transfer coefficient (transition factor)
P (beta) =  Buffer capacity; exponent in Freundlieh’s isotherm 

I' (gamma) =  Gibbs surface concentration (surfaco excess)
V (gamma) =  Viscosity; corrosion inhibition coefficient 

A (della) =  Diffusion coefficient 
6 (delta) =  Thickness of diffusion layer

6P =  Thickness of I'rnndll’s diffusion layer 
6r =  Thickness of reaction layer



I'rlnci/ial Symbols

* (epsilon) =, Electrode polcntinl on convcnlionnl scale
e° =  Standard electrode potential on conventional scale 
Ae =  Electrode polarization 

Aen =  Depolarization 
t  (zela) =  Elrctrokinctic or zela polcntinl 
i) (eta) = Overvoltage (overpolrnlial)

6 (llieta) =  Degree of coverage 
0 (theta) = Angle; contact angle

X (kappa) = Specific electrical conductance, conductivity 
X (lambda) = Equivalent molar conductance; ionic conductance (mobility): 

beat of evaporation of water molecule 
|i (mu) =  Chemical potential in real system; dipolo moment 

p =  Chemical potential in ideal system 
pO = Standard chemical potential 

Ptcf, Electrochemical potential 
V (HU) = Number of ions formed os u result of dissociation of one moleciilo 

of electrolyte; stoichiometric number 
a (pi) =  Osmotic pressure

p (rho) =  Specific resistance, resistivity; space charge density 
a (sigma) =  Surface tension 

T (lau) =  Time interval 
Tr =  Relaxation lime 

9 (phi) =  Electrode potential on correlative scale (zero-point scale)
Z (chi) =  Quantity inverse to radius of ionic atmosphere; surface potential 
V (psi) = Itedox kinolic potential 
i|i (psi) =  Electrical potential; outer potential

=  Volta potential difference between phases a and ft 
Q (omega) =  Cross-sectional area; surface area 
to (omega) = Angular vclocitv: work function



INTRODUCTION

1.1. THE SUBJECT AND SCOPE OF ELECTHOCIIE.M 1STIU
Electrochemistry is concerned w ilh study of m utual conversion 

of cliemicnl and electrical forms of energy and also of the lows and 
regularities associated with this process. Chemical reactions are 
usually accompanied by absorption or evolution of heat (the heat 
effect of the reaction) and do not involve electrical energy. Electro
chemistry deals wilh reactions proceeding at the expense of external 
electrical energy or serving ns a source of this energy. Such reactions 
are known as electrochemical reactions. I t  is evident tha t, from the 
viewpoint of thermodynamics, electrochemical reactions arc not 
identical to chemical reactions, and electrochemistry should there
fore bo regarded as an independent science.

To gel a clearer understanding of electrochemistry as a science, 
it is necessary to consider in more detail the distinction between 
electrochemical and chemical reactions and to elucidate the causes 
due to which the cnergv effect of a chemical change takes the form 
of electrical energy in the first case and heal in the second. Let us 
consider, ns an example, the following chemical transformation.

FeJ+ +  Cu+ =  Ee-+ + Cu,f t*-1)
If this reaction lakes place ns a chemical process, it will have a num
ber of specific features.

The reaction is feasible only when the reactants collide with one 
another Hence, the necessity of contact between the reacting parti
cles is the first specific feature of all chemical reactions.

At the moment of collision, when the reacting particles approacB 
one another closely, transfer of electrons from one particle to another 
becomes possible.'Whclhor this transfer of electrons actually occurs 
depends on the internal energy of the reacting particles and the ratio 
of that energy to the activation energy. The activation energy is 
n function of the nature of a chemical reaction: in ionic reactions
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this energy, as a rule, is not grcnl. The path (ravelled hy an electron 
will be very small, this being the second chnrar.leristic feature of 
a chemical reaction.

Collisions may occur at any point of die reaction space, irrespec
tive of the position the reacting particles occupy relative lo one 
another. The electrons may therefore be transferred in any direction 
in space (Fig. 1.1). The chaotic nature of collisions between the 
reacting particles and the resultant random movement of electrons

© - ©  ® --0
©  ©
© ©

Ftg. 1.1. .Schematic representation of electron transfers during the chemical

constitute the third characteristic feature of a chemical reaction.
Owing to these features of chemical processes liiu energy effect 

takes the form of heat.
For an electrochemical process lo take place, the reaction condi

tions must be altered. The gain or loss of electrical energy is always 
associated with the passage of an electric current, which is a How 
of electrons in one direction. The conditions of a chemical reaction 
must be changed so that electrons move not randomly but in a sing
le definite direction. The use of electrical energy is possible only if 
the path traversed by electrons is great as'compared lo the size of 
atoms. Thus, in electrochemical reactions the electrons migrating 
from one participant lo another must travel a sufficiently long path. 
The path of electron movement however cannot be long if the reac
ting particles are brought into contact. Therefore separation of the 
reactants in space is a necessary condition for an electrochemical 
process.

But separation of the reactants alone, that is. the absence of con
tact between them, would stop the chemical reaction rather than 
change it into an electrochemical one. Obviously, in order to effect 
an electrochemical reaction it is necessary to provide additional con-
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ditions in which Lite absence of contncl between the reactants would 
not term inate the chemical process. The electrons must be torn off 
from one of tbe participants (from copper ions in Die example given 
above) and Iransforrod along a single common path to I be other 
reactant (iron ions). This can be achieved if a direct contact between 
the reactants is replaced by their contact with two metal plates 
connected by means of a metallic conductor of e lectricity. For the 
flow of electrons to be continuous an electric current must also be 
pnssed through the reaction space, ih is  is usually realized by the 
reactants involved in an electrochemical reaction (provided the> 
are in the ionized state) and/or by addition of special compounds 
capable of exhibiting high ionic conduction under the particular 
conditions.

In an electrochemical reaction, there is no direct contact between 
the reacting particles; instead, eacli of the participants is brought 
into contact with the electrode. In this case the reaction and the 
associated energy changes remain the same (no m atter w hether the 
reaction is chemical or electrochemical), but tbe kinetics may be 
different. The activation energy in an electrochemical process may 
differ from that in a chemical one, owing to the cata ly tic  properties 
of the electrodes. Since the electrode potential may vary, the energy 
of activation for the electrochemical mechanism of a chemical reacti
on will depend not only on the nature of the reactants and the elec
trode, hut also on the electrode potential.

From the foregoing it  follows tha t the rate of an electrochemical 
reaction depends not only on the temperature, the activ ity  of the 
reactants and the material of the catalyst, i.e.. on the same factors 
that determine the rale of a chemical reaction, hut also on the elect
rode potential- Electrochemical reactions may he defined as chemi
cal reactions the rate of which is a function of the potential. They 
thus differ from chemical reactions not only from the therm o
dynamic (the energy effect of the process) but also from the kinetic 
point of view (the energy of activation).

Tlic mutual conversion of chemical and electrical forms of energy 
is possible only in electrochemical systems, study of which is the 
field of electrochemistry.

A system in which an electrochemical process lakes place is illu 
strated in Fig. 1.2. It consists of the following parts:

(1) the reacting substances and ionized substances or substances 
contributing to ionization, which provide the passage of an electric 
current; this pnrl of the system is an ionic conductor of e lectricity 
(conductor of the second class) and is termed the electrolyte;

(2) two metal plates in contact with the electrolyte, which bring 
about an exchange ol electrons w ith the reactants os well as a trans
fer of electrons either to the external c ircuit (see below) or from the 
external circuit; these platos are known as electrodes;
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(3) a metal conductor (conductor of the first class) connectine 
the electrodes and ensuring the passage of an electric current between 
them; i t  is called the external circuit.

When the electrolyte is a current-conducting solution of one or 
more substances in water or some other solvent, what we are concer
ned with is the electrochemistry of aqueous or nonaqueous solutions 
When a molten sa lt or a mixture of molten sa ils or oxides serves as

*din; and when the space between n 
a gas, we have the electrochemistry of 

An electrochemical system may be ' 
------ ‘ n slate (Fig. 1.26 and

be in a n (Fig. 1.2a)
\* 1 ........................

a result of chemical ....... ......
e oj electricity or galvanic cell (Fig. 1.26)' Tn'VlihT case 

c.etiiuue from which electrons are given up to the externa] circuit 
is called the negative electrode, or the negative Dole of ili» V*„ii ti,„ 
oleclrode which accepts electrons from the external circuit is e-illorl 
the positive electrode, or the positive pole of Ihc cell 

An electrochemical system in which chemical reactions nr inHn 
°h,r byn Xip.r"a! *1?ctIr‘cnl cncrgy ‘S called the electrolyzer or 'electro- 
lytic cell {hg. 1.2c). Here the electrode which accepts electrons from 
the reactants is called the anode, and the electrode which donates 
electrons to the participants is called the cathode. That part of the 
clcctro'yte in the immediate vicinity of the anode is the analyte , 
“ th dn°l0B0Usly 1,10 cathotyle is the electrolyte surrounding Uie
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Since the loss of electrons implies oxidation, and the acceptance

iu M h f n e g a l lv e ta S lh e  S o ^ h ^ i  live pole of a gnlvanicceU.
The above considerations concerning the difference between elec 

trochemical and chemical reactions and

. ' \  cnmoveh-iL extended Some authors regard as bolonging
S l K i c h e m i S S K  phenomena associated with the e ^ tro ch e m  - 
ca|Cpro|ierlies of colloids', with chemical reactions cansed by I h e ^ :  
on of liehl or a flux of radioactive particles and giving rise to a poUm

1s t .mislrv arc not applicable to them.

1.2. THERMODYNAMICS OI- ELECTROCHEMICAL SYSTEMS

1.2.
FREE E

RELATION BETWEEN MEAT EFFECT. 
KRGY CHANGE AND ELECTRICAL ENERGY 

IN REVERSIBLE SYSTEMS

The m iantilative relationship between chemical and electrical 
enemies1 the study of which constitutes one of the main tasks of 
theoretical electrochemistry, can be established from the thermody
namic treatm ent of electrochemical systems.

slippose the following reversible and isothermal reaction lakes 
place in an electrochemical system:

vaA +  v„B +  . . .  v, L +  vmM J- . •. ±  q (1.2)
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where vA, b. l.i si0ickiomelric numbers „
a,ia Mz =  number of elementary charges e (e =  4.«W X 

x 10-‘“ cleclroslalic units) corresponding to 
stoichiometric reaction 

a =  thermochemical heat effect of reaction cor- 
responding to qP in a» isobanc a,,d ^  ,n 
an isochoric process.

If the electromotive force (emf) measured in' ,c®'* ^ 7 v “ "l cn^iTor

memory charge e (F =  NAe) and is equal to coulombs ( l£
Since in an electrochemical system the encrg> changes toriispon 

ding to a current-producing process manifest themselves not as I lie 
• !>..i in titf> fnrm nf electrical enemy, il is natural
(iiiii> w „ v»..vnl-proclucin|r process   -
heal effect but in the form of electrical energy, it is natural to a. 
that _

EzF =  Q d-4)
where Q= JVAq. This assumption was made by Thomson, and the
refore ICq. (1.4) is known as the Thomson principle, fins principle 
however is not valid in a general case. A correct relation between heat 
effect and electrical energy can be found as follows.

For reversible systems the first and the second law of thermodyna
mics are usually expressed by means of four independent equations: 

V  =  TS -  PV (1.5)
IF = U + I>V (1.6)
fv =  U -  TS (1.7)
G =  / /  -  TS (1.8)

where U =  internal energy of system 
IF =  enthalpy, or heal content 
$v =  Helmholtz free energy 
G — Gibbs free energy 
T =  absolute temperature 
S = entropy 
P =  pressure 
V =  volume.

The internal energy U is defined as the total differential of the entro
py S  and volume V:

dU =  T d S  — P dV, U =  /  (S , F) (1.9)
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and, consequently,
d i r = T d S + V d P ,  H = f  (S. P) (I-10)
d$ = - S d T - P d V ,  ? i= H T , V) -1
dG = — S d T  + VdP, G =  /  P) (U 2)

(1.12) must therefore be rewritten thus:
dU =  T d S - P d V - d W  (1-3
dll =  r  dS - V d P  -  d i r  d-14)
rfrT =  _ 5 d 7 - - / > d r - d i v
rfG =  - 5  d r  -J- VdP -  d\v  (I-16)

where the negative sign for an infinitesimal work dW  signifies that 
if this work is done by the system, its polcnt.al energy will fall off. 
From Eqs. (M3) through (1.16) we have:

- d U s v = d W  (I17>
- d l U r  =  dW  (I-‘8)
- d f tT.Y=‘ dW  <U9)
J a ’„ =  d IF d-20)

that is. a change (decrease) in any of the principal l^rmodynnmic 
functions for the given characteristic
differing from the work done against external forces. If the work U 
is electrical in nature, then

fF =  zFE
and dW  =  zF dE 

evcrsiblc isothermal reaction (1.2)
d%r,v =  - zF dE r.v

dCT,n = —zF dE r ,P

AJvt.v =  - z F E t .v  
-zF E r.p

(1.21)

(1.22)

(1.23)

(1.24)

(125)
(1.26)

Thus, the electrical energy produced (or consumed) in clwU_ocbe 
mical processes is determined by the change of the Helmholtz free 
energy or Gibbs free energy rather than by the heal effect of the^cor
responding chemical reaction (the Thomson pnnciple). The change of
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the Helmholtz free energy or Gibbs free energy is a function of heal 
cHeels, which may be introduced into Eqs. (1.25) and (1.26), this 
making it possible to determine the range of applicability of the 
Thomson principle. According to expressions (1.11) and (1.12)

and
(1.27)

(1.28)

Using Eqs. (1.7) and (1.8), we therefore get:

(1.29)

° - " + T ( w ) r (1.30)

4 8 * - - « v + r  (■ $ -),. (1.31)

(1.32)

where Qv and Q,. arc Ihcrmochcmical heat effects at constant volume 
and at constant pressure, respectively.

Equations (1.29) through (1.32) are known as the Gibbs-Ilelmhollz 
equations. For eleclrochemical systems these equations should be 
rewritten in the form:

zFEv = Qv + zFT ( § ) vJ (1.33)
and

zFE„=QP + zFT (1.34)

From Iiqs. (1.33) and (1.34) il follows lhal the Thomson principle is 
valid only in llioso cases where dE!0T =  0 or T =  0CK. The emf of 
eleclrochemical systems is measured at temperatures much higher 
than absolute zero, and dE'dT i.o., this principle has limited 
application [for rough calculations, whore the temperature coeffici
ent of the cell emf is small (sec Table 1.1)1. The temperature coeffi
cient of the cell emlmny he cither positive or negative. If AE/AT >  
> 0 ,  then zF E > Q , and the system will transform into electrical 
energy not only the heal corresponding to the heat effect of the reac
tion but also the additional amount of heal, equal to zFT (dEldT). 
which is taken up from the surroundings (sec cells 2, 3, and 5 in 
Table 1.1). In the case of adiabatic work of the system, i.e.. under 
conditions of thermal insulation, when no exchange of heat with the
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surroundings is possible, the temperature of the system falls If 
\r.v \ r  <• u then zFE <  Q and part of the reaction heat will be 
j ' i i t , ; , ^  or ' lent on limiting the cell in an adiabatic process (see 
cells 1 and 4 in Table 1.1). If A/? !ET >  0 and Q < 0 ,  the cell will 
absorb all the necessary quantity of heal from the 
when the cell is thermally insulated, it will cool off (see cells 2 and o

Fo'r'quaViUlal ivc calculations of the cell emf taking account of the 
heal equivalent of electrical energy and the Faraday numbei, 
Fqs. (1.3:5) and (1.34) may be rewritten as:

(1.33)p Qv , r (2 L \
‘- v “  23,0037 '  \ d T l

For the practical use of Eqs. (1.33) through (1.36) it is necessary to 
bear in mind that they are applicable only to reversible electroche
mical systems. For this reason, when studying the lemperntuie 
dependence of the emf one must avoid using electrochemical systems 
with a liquid junction, since the diffusion potential arising on this 
junction (liquid junction potential) is not an equilibrium potential 
(see nage 150). A small inaccuracy in emf measurements arising from 
the presence of a liquid junction potential leads to considerable 
errore since at z =  1 an error of 1 millivolt is equivalent to 23 cal. 
Similarly, an error of 1 X W  V/dcg in the determination of the 
temperature coefficient is equivalent to about 7 cal at 2o C and s -  1.
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1.2.2. RELATION BETWEEN ELECTRICAL 
AND CHEMICAL ENERGIES IN REVERSIBLE CELLS 

The electrical energy involved in electrochemical systems is asso
ciated with chemical transformations and hence with Ihe chemical 
energy of the reaction. Like any oilier form of energy—mechanical, 
thermal, electrical, etc.—chemical energy may he represented as 
a product of two factors: inlcnsivity and exlcnsivily. or capacity. 
By analogy with electrical energy (where the inlcnsivily factor 
is Ihe electrical potential, and the capacity factor, the quantity 
of electricity), the chemical energy of each component of a system 
under consideration, for example, ils ith component, is resolved into 
the chemical potential p, (inlcnsivity factor) and the mass mh 
or the number of particles of a given species nt (capacity factor). Ins
tead of Eq. (1.9) we may write the expression

dU =  TdS -  PdV +  Lpidn, (1.37)
and the summation should be carried out over all the participants 
of the electrochemical reaction.

Equation (1.37) may also be represented as

( 1  ( * ) » „ « - + * ( S , . i m »
where (dU/dn,)s. v , n. =  p„ N  =  In „  and n signifies that the 
masses of all the components, except the ,Th one, remain constant.

Equations (1.10) through (1.12) may be transformed in a similar 
wav:

( '3 r ) ,- .« ‘l , , -'r ( 9 ) r . <I.«)D

* - ( * ) , . , "  +  +  Z ( £ ) „ . ' ( Ml )
Here Ihe third term on Ihe right-hand side of each of these equations 
corresponds to the change of chemical energy in a corresponding 
chemical reversible process, i.c., to the quantity Epp/n,. Hence, the 
chemical potential is a partial quantity and may be defined as a chan
ge in the thermodynnmic function with respect to the number of 
particles of a given component provided that the number of parti
cles of all other components and the parameters (entropy, lempera-

lliai’ Fr°m ll"’ 0xprossiu,, <I-40> "l constant lompornlurc .ml volume it follows
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lure, pressure) characterizing a particular thermodynamic function 
arc constant. It may he considered, as a certain approximation, that 
the chemical potential expresses the fraction of energy (internal 
energy, heat content, Helmholtz free energy or Gibhs free energy) 
per one particle or per unit mass if instead of the number of particles 
n, use is mode of the mass m, of a given component. At constant tem
perature and pressure Eq. (1.41) reduces to

dCrlP =  Z ( —  ) r  =  (1.42)

or, after integration,
Gr,p — 2p,n, (1-43)

Differentiation of Eg. (1.43) gives
<IGT'P = 2\i,dn, -f Era,dp, (1-44)

From Eqs. (1.42) and (1.44) it follows that
Sre,</p, =  0 (1.45)

Equation (1.45) is called the Gibbs-Duhem equation. A comparison 
of Eqs. (1.24) and (1.42) shows that if the reaction Inking place in 
a system corresponds to a current-producing (electrochemical) pro
cess, then

—zF dE = 2p ,dn , or zl!E =  — 2 p ,n , (1.46)

Equation (1.46) expresses a relation between the electrical energy 
of an electrochemical system and the chemical energy of a chemical 
change occurring in the system. This equation also reflects the 
relation between the electrical energy and the chemical composition 
of an electrochemical system.

1.2.3. lHHKYlillSIBLl'' KI.I.CTIUICIIKMIC.AI, SYSTEMS

We havc assumed so far that nil elec Irochemical syslen> is in a sla-
te of lllrlniiodynumic equilibrium. If ni mensurable elect!■ic current I

through a system, the latter is no longer the
cal’ly revrisible and begins to funclion as a galvanic or electrolytic
cell. Sinre the useful work done by the system under

is is always less than its inuximum work in a reversible
process. the electrical energy generatesi by the galvanic cell will he
less thani the maximum work:

(=/'■/:,)„ < ir (1.47)
or

(*f * ,)„  < zVE (1.48)





PART ONE

Equilibrium in Electrolyte 
Solutions

CHAPTER I 

Theory of Electrolytic Dissociation

was named ( 
c for Arrhenii

I 1 PRINCIPLES OF THE THEORY OF ELECTROLYTIC 
DISSOCIATION

The lirsl uuanlitalivo theory of electrolyte solutions, i.e.. solu
tions of substances capable of conducting electricity, was; 
hv s \rrhenius in the period 1883-57. 'Ihe theory was further dece
i t , ,  io the works of W. Oslwald, P. Walden, L. P.snnd.evsky an.l 
others u  is based on the following three postulates:

1. Certain substances, called electrolytes are capable of >•
into oppositely charged particles (ions) when tl.ssoved ®PP™P 
J-iate solutions, say, in water (which was or.g.nally referred to in 
A rrhenius' theory).

Spl it t i ng of electrolytes into ions on dissolulio 
process of electrolytic dissociation. Hence the na

*‘‘tI!is basic^poslulate^md^been put Iorw«rd by many

!hlg'n,;'of^mol^ul« exiunjle,'modules of ̂

h, liqni.l itself Uicrc nmol operate constant e«S i,“lsn}, ^

I C  oj an e ^ . r .ty te
umb’cnlc !s well as the magnitude and sign of the charge * of these 
ionsdepend on the nature of the electrolyte. Electrolytes may accor
dingly be classified into the following types.

(„ Y » < » o r ,e ;e c « ,< « ^ ^ ^ ^

s ;  s ; : i y i o  ts O.IM
as » 1 : 1 electrolyte; if the ions are bivalent, ns is the case wttn
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sulphate ZnS04, the latter is called a bi-bivalent electrolyte (2 : 2 
electrolyte), etc. Binary electrolytes arc symmetrical electrolytes"

(b) Ternary electrolytes giving rise to three ions on dissociation 
These include uni-bivalent (e.g. Na;SO,) and bi-univalent (e.g. 
CaCU) electrolytes. They are designated, respectively, as 1 : 2 and 
2 : I electrolytes.

(c) Quaternary electrolytes dissociating into four ions. To this 
group belong uni-lrivalenl. (e.g. K3PO1) and tri-univalent le.g 
Al(NO,)^| electrolytes. They arc abbreviated, respectively, to 1 : 3 
and .3 : 1 electrolytes. Ternary and quaternary electrolytes are non- 
symmetrical.

2. Ivlcclrolyles do not dissociate completely into ions on dissolu
tion. Only a certain part of the dissolved molecules is present as ions. 
The fraction of the total number of molecules which are dissociated 
into ions at equilibrium is the degree of dissociation a. The degree of 
dissociation is equal to the ratio of the number of molecules n dis
sociated into ions to the total number of dissolved molecules .V 
(ionized n and unionized nlt molecules):

The degree of dissociation of a substance dissolved in a given sol
vent depends (nL constant temperature and pressure) on the nature 
and concentration of this substance. If a substance does not dk-oci- 
ale into ions on dissolution (n — 0 , n„ — N, a -- 0), it canuel he 
regarded as an electrolyte. H a  is close to unity, then 11 ~  V and 
the substance is a strong electrolyte. Kor many chemical compounds 
0 <  w I, and hence n ^  ;V. Such compounds are weak electro
lytes.

The theory of electrolytic dissociation relates the qualitative 
changes observed in electrolyte solutions when the concentration 
increases or decreases to the change of the degree of dissociation. 
The degree of dissociation is treated by this theory as one of the prin
cipal quantitative characteristics of an electrolyte solution.

Another quantitative characteristic is tile dissociation constant K 
of nil electrolyte. The relation between the dissociation constant K 
and the degree of dissociation a  can bo established by using, for 
example, a binary electrolyte MA. which dissociates according to 
the reaction

MA =  M '+ +  A:"
Lel the total concentration of the electrolyte be c, the concentration 
of undissocialed molecules c„, that of cations c+, and of anions c . 
Then

K  =  11£=- (1 . 1)
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If the degree of dissociation at the given total concentration c is a c, 
then c+ =  c- =  a Cc, and c„ = (1 — ac)c. Hence

K = A c (L2)
If the concentration c is replaced by the inverse quantity, the dilu
tion V. then

K  =  7 = f r  (L 3)

Equations (1.2) and (1.3) were derived by Ostwald and are known 
as Ostwald’s dilution law.

Unlike the degree of dissociation, the dissociation constant does 
not depend on concentration and is determined primarily by the 
nature of an electrolyte. At aQ <  1 the degree of dissociation «e and 
the dissociation constant K are related as follows:

a c= j / — = YT(V  (1-4)

3. No forces of interaction operate between ions, and electrolyte 
solutions behave like ideal gas systems. Though not slated explicitly 
by the authors of the theory, this principle underlies all the quan
titative relationships involved.

Using these three postulates, the theory of electrolytic dissociation 
.successfully explained a number of properties of solutions, provided 
ti'c-ir quantitative characteristics and interpreted numerous experi
mental facts and laws.

1.2. APPLICATIONS OF THE THEORY 
OF ELECTROLYTIC DISSOCIATION I

I he theories of electrical conductance and diffusion in electrolyte 
solutions, the osmotic theory of generation of emf, etc., have been 
developed on the basis of the concepts of electrolytic dissociation.

1.2.1. THE OSMOTIC PROPERTIES OF ELECTROLYTES

Electrolytic solutions are known to exhibit certain anomalies as 
regards osmotic pressure, vapour pressure above the solution, vari
ation of boiling and freezing points (elevation of the boiling point 
and depression of the freezing point) with composition, etc. The 
effects observed in all these cases are different from those to be expe
cted at a particular mole fraction of the solute, and correspond to 
higher concentrations of the latter. In this connection van’l Hoff 
suggested introducing an empirical factor i (i >  1) by which the 
concentration should be multiplied to obtain agreement between

3*
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theory and experiment. If this factor is taken into account, the equ
ation for osmotic pressure n in electrolyte solutions, for example 
will assume the following form

t =  iRTc 0.5)
where R is the gas constant.

The physical meaning of the empirical factor i, known as the 
isotonic factor, remained obscure until the theory of electrolytic 
dissociation was developed. In the Arrhenius theory this factor is 
regarded as a measure of the increase in the total number of particles 
in the solution which occurs when the solute dissociates into ions 
The isotonic factor must therefore be a function of the degree of 
dissociation. Thus, if one molecule of an electrolyte splits into v 
ions and a  is the degree of dissociation, then the true number of 
particles given by the product ic (where c is the molar concentration 
of the electrolyte) will be:

ic =  (1 -  a c) c -- vacc
whence

‘ =  1 — <*C -f- vac =  1 -f  a c (v — 1)
Equation (1.7) relates the isotonic factor (van’t Hoff’, 
the degree of dissociation. For strong binary electrolytes' 
v =  2, from which i =  2, and consequently the actual co 
of particles will be twice ns high ns the molar conconlr;

( 1.6 )

(1.7) 
or) to 
1 and

of the

1.2.2. THERMOCHEMICAL EFFECTS 
IN ELECTROLYTIC SOLUTIONS 

As was found by Hess in 1812, the thermal effects of chemical 
reactions in electrolytic solutions also show certain anomalies 
Thus, the heals of neutralization of strong acids by strong bases are 
constant and prnclicnlly independent of the nature of an acid or base, 
despite the fact that their mixing produces entirely different salts 
I'or instance, the neutralization of aqueous nitric acid bv potassium 
hydroxide yields a solution of potassium nitrate:

HN03 +  KOH =  KNO, +  H ,0 •- Q, (1.8)

and the neutralization of aqueous hydrochloric acid by sodium 
hydroxide results in a solution of sodium chloride:

MCI +  NaOH =  NaCl +  H ,0 !- Q2 (1.9)

In spite of this, the measured heals of formation of both salts are 
practically the snme, i.o., <?, =  Q2.
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The mixing of sail solutions involves no noticeable Ihormai 
effect, though exchange reactions may give rise to new compounds, 
as, for example, in a reaction between potassium chloride and 
sodium sulphate:

2KC1 +  Na2SOt =  K2S 04 4- 2NaCl Q 

The heat effects for this and many other similar reactions arc prac
tically nil.

According to the theory of electrolytic dissociation such experi
mental lliermocbcmicnl regularities arc accounted for by the fact 
that salts as well as strong acids and bases almost completely dis
sociate into ions in water and in a number of other solvents, i.c., 
for these substances ac =  1. Under these conditions the reaction 
of neutralization reduces to the formation of water from H* and OH* 
ions; the base cation and the acid anion remain unchanged and are 
present as free ions as before. Indeed, if we rewrite the above reac
tions of neutralization in an ionic form

H+ 4 - NO; +  K + +  O il- =  K + 4- NO; +  II20  (1.10)
H + 4 . Cl- +  Nn* 4- Oil" =  Na + 4- Cl" 4- H20  (1.11)

and cancel out those particles that undergo no change, the process 
that is actually taking place in both cases will then be the reaction 
between hydrogen and hydroxyl ions:

H* +  OH- =  H20  (1.12

involving a characteristic thermal effect. When solutions of diffe
rent salts with degrees of dissociation close to unity are mixed, the 
resulting solution will retain the free ions from the initial solutions. 
No chemical transformation takes place in this case and hence no 
heat effect is observed.

1.2.3. CHEMICAL EQUILIBRIUM IN ELECTROLYTIC 
SOLUTIONS

The theory of electrolytic, dissociation has made it possible to 
supply scientific definitions for the concepts “acid”, “baso". “solu
tion buffer cnpacity”, to develop the theory of indicators, to elu
cidate the processes of step dissociation, hydrolysis of salts, etc.

Some examples of the application of this theory to chemical equi
librium in solutions are discussed below.

Electrolytic Dissociation of Water. The dissociation of water 
proceeds according to the scheme:

I I20  =  1I+ +  O H - (1.13)
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and its dissociation constant may be expressed as

K-CJ—  (1.14)

Since the degree of dissociation of water is very small, cn 0 may 
be taken as constant and included in the dissociation constant: 

Kch,0 =  ch'Coh- =  A',„ (1.15)
E<l ,'alion (115) is called the ionic product of water. At 25'JC, K.. =  
= 1 0 '14 and consequently 4

Ch+coh- =  10 "14
According to the theory of electrolytic dissociation hydrogen ions 

are carriers of acidic properties and hydroxyl ions are carriers of 
basic properties. A solution is neutral, tha t'is  neither acidic nor
! |k“U"c: j f CH; = Cr°11- =  V * ? -  M  25X’ " ,0 (lllalltily A,, is equal to 10 14 so that for a neutral solution c„- =  10-- mam-ions/litre 
and con- =  10 '7 gram-ions/lilre. If use is made o f  the term nil 
suggested by Sorensen in 1909, which is a nem.livo common logarithm 
of the hydrogen ion concentration (pH =  - lo g  <:„♦). a pH value of 
/ will then correspond to neutrality. \  solution is acidic il nil 7 
and alkaline at pH > 7 .  1 ^

It must be remembered that a solution of pH -  7 vi'i nci,tr-,l 
only at 25°C. In using the pH scale one should keep in mind that the 
dissociation constant •> of water A-,,, varies meatlv with ' —i v i-ilure 
increasing almost hundredfold between 20 and 100T-

t. °C 20 30 (in 7u so 'V i n
K“- x 10,4 0.GSI 1.47 '.Mil i:,.s -jr. i 0

For this reason the point pH 7 will correspond to an acid solution at 
n b o v e '^ ’C05 bCl° 'V 2yC’ S,"d l° “lka,inc S0luli011 «' •emperalures 

Since the hydrogen ion concentration serves a-; a measure of aci
dity, the strongest in a scries of acids will he lire one whose hvdromjn 
ion concentration is the highest at equal molar concentration The 
hydrogen ion concentration is defined as a cc and hence a c is a measu
re of strength of an acid. Il is quite obvious that a . i«’aUo a*measure 
of strength of a base. °

In addition to the dissociation constant K and the ionic product 
of water, there is still another important characteristic of water 

namely the equilibrium constant A„,0 corresponding to the reaction

IHO-:- H jO i-H jO * - o h -

*> The indicated values of Kw correspond 
expressed in terms of ionic activity instead of ic the ionic product of water 

c concentration (sec Chap. 2).
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The value of this constant

often called the autohydrolysis constant, at 25°C, is 2 X 10-* mole -li- 
tre-‘;l- and k  are the rale constants for a forward and a reverse renc-

°Bufler"‘capacity' of Solutions. The hydrogen ion concentration 
(pH) ploys an important part in many phenomena and processes. 
Certain physicochcmicnl and biochemical phenomena occur only 
at definite pH values. Numerous chemical reactions proceed in the 
desired direction only at some definite pH value, winch must there
fore be kept constant. . . . .  , . ,

......................  '  solution to pH change o» of an acid
or alkali is known as buffer action (solutions exhibiting this behavio
ur are called buffer solutions). The effectiveness of buffering of a solu
tion is measured by its buffer capacity P, which may be defined as the 
amount b of an alkali (or an acid) in gram-equivalents required to 
cause a unit change of pH. The buffer capacity P may be expressed 
in differential form as follows:

For pure water the number of gram-equivalents, b. of alkali added 
must be equal to the concentration of alkali cation cm-- Since the 
concent rat ions of hydrogen and hydroxyl ions are equal for pure water 
( 1; con-) and a strong alkali is completely dissociated, then 

A,„
c.m+ = 0 = con----cn+ “  -------cn*

Difierentiatioii with respect to pH (i. e., with respect to - lo g  c„T)
gives »

p =  2.303 (c,I+ -j- - ^ - )  =  2.303 (c,I+ +  c0n-) (1-17)

This equation is valid for any aqueous solution of a strong acid and 
a strong base (alkali). Indeed, if a certain amount b (g-eq) of a strong 
base M01I is added to a solution of aslrongacid HA, then this amount 
b will correspond to the concentration of metal ions, b =  cMi., 
as the degrees of dissociation of the acid and base and of the resul
ting salt arc equal to unity. According to the law of electroneulralily 

C»ic +  C|I+ =  b +  cM+ =  cA- Con-
>> Differentiation is easily carried out if one takes into account that 

deH+
2.303pII= — lncH+ and d ln c H* =  —
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or
6 =  CA- +  COH- — CH+ 

from which, taking into account that the concentration of acid ani
ons eA- is independent of the amount of base added, we obtain for 
the butler capacity

P =  =  2-303 (ch+ +  con-)

which is identical to Eq. (1.17). From Eq. (1.17) it follows that the 
buffer capacity of pure water (or a solution containing a salt of 
a strong base or acid) is very low. Buffer capacity becomes noticeable 
if an excess of a strong acid or base is present in the solution.

Buffer capacity increases in the case of solutions of weak acids or 
weak bases, especially in the presence of the corresponding salts. 
If we add b g-eq of a strong base to a solution containing originally 
a g-eq of a weak acid (a being greater than b), then

and
ci I a -f cA.

b = ca— -{- c0n-----cn.
On the basis of Eq. (1.18) the dissocialioi 

which is equal to

(1.18)

(1.19) 
of the acid,

A'i

may be represented as

A'n

(1.20)

(1.21)

Solving the last equation for cA- and substituting its value into Eq. 
(1.19), we get for the number of gram-equivalents of the base:

l . “Aha
b ~  aT.'a +  «i, * + C oh—

whence it is easy to arrive at the buffer capacity

p -  w  =  2-303 |'(^ T w +  *..♦ +  con-j (1.22)

®*nC(? (A*|IA-f-c1|f)s ^ l0 buffer capacity of a solution of a weak acid
and its salt is always higher than that of water, a salt solution, or 
a solution of n strong acid ora  strong base, for which fonnuln (1.17) 
is valid. In this case Iho quantity p must depend on the dissociation 
constant A.'ha of Urn weak acid. Solutions containing mixtures of weak
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ncids and Hieir soils (or weak bases and their sails) arc used 
to prepare so-called standard buffer solutions. Analysis of Eq. (1.22) 
shows that Hie solulion of the weak acid in question must have the 
greatest buffer capacity in the pH range close l® P^h*. P -
=  6 at pH = pKHA- Eor example, for acetic acid (liAc) AiiAt -  
-  17K 10"5 pK ha =  4.77 and the maximum buffer capacity
will be observed at pH values around 4.8. A standard bufler solution 
of high buffer capacity in a wide pH range can be prepared by selec
ting acids with different values of pKHA- Bufler solutions are used 
for measuring the pH of solutions as well as for carrying out various 
chemical processes at constant pi I values.

1.3. SHORTCOMINGS OF THE THEORY 
OF ELECTROLYTIC DISSOCIATION

In its early stages the theory of electrolytic dissociation made 
great advances within a short period of lime. It should however be 
noted that, along with the brilliant successes achieved, there have 
been weighty failures pointing to certain drawbacks of the theory 

The degree of dissociation ac, which determines the fraction of 
ionized molecules in a solution, should be the same under the given 
conditions (irrespective of the method of its measurement). Accor
ding to its physical meaning ac musl always be between 0 and 1.

TABLE 1.1
The Degree of Dissociation of Some Electrolytes

KC1
KC1
BnCl.
MgS04
La(N03)3
La(N03)3
Ln(N03)3

0.434
0.920
0.788

0.918
0.885
0.788
0.324

How well this agrees with experiment can be seen front Table 
which compares the values of <xc found by measwemenls of osmotic 
pressure and electrical conductance for a number of electrolytes.



.The best agreement between the degrees of dissociation a , deter
mined by the indicated methods is found in the case of dilute solu
tions of uni-univalent electrolytes. Increasing the electrolyte concen
tration or passing to ions of higher valency affects the agreement bet
ween the values of a, and a 2 (sec Table 1.1). the difference exceeding 
possible experimental errors. ®

The values of a c for solutions of hydrochloric acid calculated on 
the basis of measurements of conductance (a,) and electromotive 
force (a3) are listed in Table 1.2. c
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The Degree of Electrolytic Dissociation 
of MCI from Conductance (ai) 

and Electromotive Force (03) Measurements

■0 mot-The discrepancy between the values of «. obtained li • 
hods also increases with increasing electrolyte conrenH „ 101, a , 
being greater than unity in the range of high concernrat ioe< From 
the viewpoint of the Arrhenius theory, this resull v.ould m atcim  
sense because in this case a greater number of molecules must have 
been dissociated into ions than are actually present in il„. «nl,.iinn 
For instance, in G.O.V MCI the number of panicles split ila'o ions is 
found to exceed by a faclor of 3.4 the number of all the 11CI molecules 
present and in 16.Y HCI, by a faclor of 13 and somethin" Hence 
here the degree of dissociation «c loses the physical meaning ascribed 
to it by the Arrhenius theory.

A second quantitative characteristic of an electrolyte in the Arrhe- 
nius tlieory ,s the dissociation constant, which musl'remain constant 
for a gn on electrolyte at a specihed temperature and pressure, irres
pective of the concentration of the solution. The values of the disso-
eivenninCT Sn nl/ a r n0'i'Cr?1 soluliol,s of ‘‘Bering concculralion'are given in Table 1.3. Only for very weak electrolytes (e.g.. solutions 
of ammonia and acetic acid) does the dissociation constant remain 
more or less constant upon dilution. For strong electrolytes (e.g., 
potassium chloride and magnesium sulphate) it varies by tens ol 
limes and cannot therefore be regarded as a constant.
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The Iheorv of e lectrolytic dissociation thus appears to  he applica
ble onlv to dilute solutions of weak electrolytes. The behaviour of 
concentrated solutions of weak electrolytes and of solutions of strong 
electrolytes of any concentration cannot be described q u a n tita ln  el> 
on the basis of the Iheorv proposed by Arrhenius. The degree of dis
sociation docs not have the physical meaning assigned to it by the 
Arrhenius theory. The dissociation constant is not constant, hut is 
a function of the solution concentration.

\  fundam ental deficiency of tile A rrhenius theory is the fact that 
: ] does not indicate the factors responsible for the ionization of 
-■''.cirolvles in solution The process of ionization however requires 

considerable am ount of energy. This can he exemplified by such 
a typical electrolyte as potassium chloride. I t is known tha t the 
bonding between ‘the atoms in a KCI molecule is e lectrostatic and 
that potassium and chloride ions are located a t the points of its  
crystal la ttice. The bond energy for ions in a single molecule may 
he represented as an integral

(1-23)

where r  =  distance between ionic centres in molecule

A ssum ing"r*cq'unM o^TO  A, which corresponds to the KCI la ttice 
constan t, we gel

e~ (4.803 X I0-U>)S 
T  -  2.79 X 10-s
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or, in terms of a gram-molecule,

•'Va — =  4.98 x 1012 erg/mole= 119.0 kcal/mole1'

At the same time the average amount of thermal energy stored in 
molecules at 25°C is about 3.4 kcal/mole. Using these values and ap
plying Boltzmann’s formula, one can express the number of parti
cles re, possessing an amount of energy sufficient to split them into 
ions, through the total number of particles N  of potassium chloride

= lVe-“  =  AM0-14
of dissociation, defined as the ratio n'N, is then equal

The value of a  for an aqueous solution of potassium chloride is 
known to be close to unity, i.e., almost each of its molecules is 
dissociated into free ions. The process of dissolution must evolve in 
amount of energy sufficient to break the bonds existing in the mole- 
nor th« n»f„ H 1',-" inl,0 ionS- However' "either the source
5 ^  ' ■ by d “ “

The limited range of applicability of the theory of elcclrolvtic 
dissociation, the disagreement between experimental values of a 
ll onrv lhclr Physical meaning within the framework of this 
theory, and the obscure explanation of the main process could not 
l "  “ "tsc criticism. The essence of this criticism and the possible 
ways of improvement of the theory of solutions were outlined bv 

c°nn,(,Sl0yCV-, IC r ° tC ln “Fundamenlnls of Chemistry” that the cri- 
of n ,nitsV 'h 1 i‘e lh®0ry v elcclrol>', ic dissociation as well as the cause of all its shortcomings lies in the neglect of the interactioi, tween 
soluto particles and between solute and solvent He t oi- ! nl out 
that not only the processes of dissociation but also those of fo-mation 
of new compounds involving the participation of solvent ,molecu
les are essential to solutions. These ideas were further developed at 

10 close of the last and the first quarter of the present eeiilnrv bv 
a number of workers (Konovalov, Kablukov, Kislyakowkv Pi-ar- 
t h T kyV N?y.°-S a,ul oilers). They formed the basis of the modern 
theory of solutions. The quantitative formulation of the idea of ion- 
ion and ion-solvent interactions was given much later.

Precise cnlcu\a 1 ions ° ',CP lallinouKCl course dittcr from this value,
extont! lculat,ons W,H n<>t however chango the Goal results to any considerable



CHAPTER 2 

Theory of Ionic Interaction

2.1. IONIC ACTIVITY AND ACTIVITY COEFFICIENT

liilogy t i- be found in the development of the theory of 
clccirolvlic solutions and the theory of the gas state of aggregation. 
In either r ise il was originally thought that the system behaved like 
■m ideal one and that no forces of interaction existed between its 
constituent particles. The application of the laws obtained on the 
basis of these conceptions led to considerable disagreement between 
theory and experiment. In connection with this, it was suggested 
that the simple equation of the gas state 

PV = RT
be replaced bv other, more complicated, equations taking into acco
unt the forces' of interaction between the particles. One of these was 
(lie van dor Waals equation

{ P - \~ ^ ) ( V -b ) = R T

wlieii' a and b are corrections, respectively, for the forces of mutual 
attraction and the final volume of gas particles or, to a first approxi- 
m.ii mil, for repulsive forces.

■j idevelopm ent of the theory or solutions could have followed 
a similar path. But it took quite a different turn. The form of the 

.lasiTiliing the properties of solutions remained unaltered,
I - i .... ir applicability to real systems was ensured by introducing
<i.i - I'iiies taken from experiment in place of the conventional quan- 
li! I h r ic'leri/ing a system (pressure, concentration). Thus, vapour
.„....  i« replaced by a quantity known ns volatility or fugacity.

'r  entralion by a quantity called activity. For example, accor- 
dir - 1 I ewis Fq (1.20), which defines the dissociation constant of 
a w 'I- acid and is valid for ideal systems, con be made applicable to 
real systems by rewriting it as follows:

Kiiaio, (2.1)

It can easily be seen that though this equation coincides in form 
with Fq (1 20), it correctly describes the behaviour of a real solu
tion. I'his is because Eq. (2.1), as distinct from Eq. (1.20), contains
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not the concentrations of ionsc^. and c_ and of undissociated electro
lyte molecules c„. but the corresponding activities <i+, a.  and aQ. 
Activity values are selected so that the dissociation constant rema
ins the same, irrespective of the total concentration of the electro
lyte. Unlike the dissociation constant K. given bv Eq. (1.20). the 
dissociation constant K a will therefore be a true constant for a given 
electrolyte at a definite temperature.

There are three ways of expressing activities, corresponding to 
the three methods for expressing the quantitative composition of 
a solution (Table 2.1).

Molarity

Molality

llic concept of activity differs from that of concentralio 
it includes the forces of interaction existing in solutions ? 
pendent of the nature and concentration of the solute i 
Activity may therefore be defined as the product of cono 
and a certain variable known ns the activity coefficient:

= HI fmi = A'/.v

in '.hat 
a inde- 
i’-tides.

(2.2)

where /,. =  molar activity coefficient 
f m =  rnolal activity coefficient 
/.v ~  rational activity coefficient.

I lie activity coefficient contains a correction for the forces of 
interaction.

The activity of a single ionic species, and hence its activity coo- 
nicienl. cannot be determined from experimental data. Equations 
that could be employed to find activities contain the product of the 
activities of all the ious of a given electrolyte rather than the aclivi- 
ly of "n.y ?nc ,,onic species. For this reason the concept of mean 
activity had to be introduced, which is defined as the geometrical
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mean of the activities of the ions constituting a given electrolyte. 
For an electrolyte dissociating into v+ positive' and v_ negative 
ions, the mean activity is given by

=  “  (2.3)
and for a binary electrolyte

«± =  V 7 J T .  (2/i>

The mean activity coefficients of an electrolyte dissociating into v + 
and v_ ions can be determined in a similar way:

(2.5)

and, accordingly, of a binary electrolyte

f± =  V U T -  (2.6)
The same concepts may also be applied to concentrations. For 

example, if the composition of a solution is to be expressed through 
molality, the following relations can he written, which hold for any 
type of electrolyte:

»«± = -  [(v-mr)'* (vjb. H '17* 1 (m/ ' ; W ! - ) ^  (2.7)

or for a binary electrolyte

mfl± =  V'n+m l+m -J- (2.8)

In the case of infinite dilution the forces of interaction between the 
particle.- of a solute become vanishingly small. The ionic activity 
here coincides with concentration, and the activity coefficient is 
equal to unity, no matter in which way it is expressed, i.c..

(nc — 4 . 0  
(a„, m)m_„ (2.9)
(«.v -  -'V).v-o

(fc -  /,„ =  /.V -  Dc. m. V-O

At infinite dilution (also at low concentrations of the electrolyte, 
with a certain degree of approximation) the difference in the acti
vity coefficients fc, /„, and f  s  is small and it may be assumed in many 
calculations that

h = fm  = /v  =  1
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The state of an infinitely dilute solution could therefore be taken 
as a standard one irrespective of the way in which concentration and 
activity  are expressed. This choice however cannot be considered 
appropriate because of the resulting uncertainty in the values of 
concentrations of solutes. Instead, as the standard slate we choose 
the slate of an imaginary solution in which the concentration, acti
vity, and activity coefficient expressed by the same method are each 
equal to unity. On the molarity basis, this corresponds to a solution 
one litre of which contains one gram-molecule of the solute (c =  1), 
ac and /c being also equal to unity. If the molality system is used, 
a solution in which one gram-molecule of the solute is dissolved in 
one kilogram of the solvent will correspond to the standard state 
in this case not only m. is unity, but also am =  1 and f m =  1. And, 
finally, if the solution composition is expressed in terms of mole 
fractions, the standard state will be a pure solute for which N  = 1, 
a.v : - 1, and f N — 1.

If we assume, under these conditions, that for a given electrolyte 
the standard values of ionic activities satisfy the relation

=  1 (2.10) 
then the following expression can be obtained for the total activity 
of the electrolyte a ,(

a,i = a*-ay- -= aY 'rV- (2.11)
E quation  (2.11) is valid  for a com p letely  or p a rtia lly  dissocia ted 

e lec tro ly te . If a  = jt1, the to ta l a c tiv i ty  of I lie e lec tro ly te  w ill
co incide in m agnitude  w ith  the  a c tiv i ty  of its  undissocialcii mole
cu les a„.

W hen use is m ade of a c tiv i ty  coefficients. Kq. (2.1) cai, he rew rit
ten for the  d issocia tion  constan t of a weak acid in the follow ing form:

From Kq. (1.20) i t  follows tha t

and , consequently ,

A'ua.o, - A 'liA -^j-

(2 . 12)

(2.13)

pK|[A<a) =  pK|IA — 2 log / ± (|IA) +  log /(HA) (2.14)
Since the activity coefficient of uncharged particles varies with 

solution composition much slower than that of ions, and is but sligh
tly  diflcronl from unity in the range of moderate concentrations.
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i;q. (2.14) can be replaced by an approximale expression:

I>Kha<.ii =  pKHA — 2 1og/±(nA) (2.15)
liquations (2.12) lo (2.15) establish a relation between the values 

,,i llie dissociation constant expressed in terms of activity und con
centration. A similar relationship can also be established for other 
cases of chemical equilibrium in ideal and real solutions. For exam
ple the pH value for real solutions must be equal to the negative 
common logarithm of the activity of hydrogen ions:

p ll(0) =  — log a H- (2.1b)

S u b s titu t in g  the  p roduct c j^ / iit  for a H». we get

pH(a) =  pH — log /n+ (2.17)
liquation (2.17) however is applicable only lo dilute solutions, 

for which the activity coefficients of individual ions can bo deter
mined.

2.2. EXPERIMENTAL DETERMINATION 
OF ACTIVITY COEFFICIENTS.

IONIC STRENGTH OF SOLUTIONS

\ctivily  coefficients can be found by comparing analytical con- 
•n Ira I i oiis with those quantities which should be substituted into 

,,ountion^ for electrolytic solutions in order lo provide agreement 
with < \-arim enl. It must be remembered that activity coefficients 
,n iv be different, depending on the state of the electrolyte and hence 
on' ‘the mil lire of the forces of interaction. The character of inlerac- 
lion (ami the relevant correction factor) depends on whether the 
electro.1 vie solution is at equilibrium or under the action of an exter
nal elec' l ie field, or in the stale of uneslablished equilibrium when its 
coinpo-'i ion is iiot completely homogeneous. Activity coefficients 
,-h irm h ri/.e interaction forces in equilibrium conditions and should 
then f. e be calculated using the results of measurements made for 
-oliitii.n- in equilibrium, for instance, data on osmotic pressure, 
boiliii"' and freezing points, electromotive force, etc.

Uiink. the degree of dissociation, the activity coefficients obtained 
In- different methods agree with each other (see Table 2.2). Correcti
on factors reflecting the effect of interaction in nonequihbrmm con- 
.litioiis (e g in the case of electronic conduction or diffusion) will be 
different for the same solutions. The activity coefficients given in 
Table 2 2 have been calculated from the results of vapour pressure 
measurements (,/* and ,/*), and from freezing point depression

'^fL 'aclH -uV coefficicnt of all electrolytes in infinitely dilute solu
tions is equal lo unity. It gradually decreases with increasing con-
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TA1ILI-:

Mean Activity Coefficients for KCI Solutions Obtained by 
Different Methods at 25 C

ccnlralion and becomes a minimum al a certain concentration de
pending >n the nature of the electrolyte and the solution tempera
ture. F fiber rise of concentration leads to an increase of the activity 
coefficient, which may even exceed unity for highly concentrated 
solutions; this is exemplified by MnCI= solutions:

CMnci. • ‘:'cq/ll,rc >±
0,1 0.5 Id

These results do not contradict the physical meaning »f il,0 acli- 
vily coefficient as a quantity associated with forces of ionic interac
tion. Indeed, at infinite dilution, when the ions are loo far aparl. 
no forces of interaction exist between them. Since the solution beha
ves like an ideal system and the concentration does not differ from 
the activity, the activity coefficient must be equal to unily. As I lie 
concentration increases the ions approach one another and forces of 
interaction arise between them, mainly the forces of mutual allrac- 
tion, and the activity coefficient decreases. Al definite concentrations 
there also arise repulsive forces in addition to the forces of attrac
tion. When these forces balance, which is equivalent, to a certain 
extent, to the absence of ionic interaction, the activity coefficient 
will ngain be equal to unily. At still higher concentrations the repul
sive forces become predominant and the activity coefficient acquires 
values greater than unily.

A study of the dependence of activity coefficients, and also of 
activities, on the solution composition led Lewis and his coworkers 
to the discovery of a number of important empirical laws and rules!
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I'or ono thing, they found that at low concentrations the mean acti
vity coefficients of an electrolyte are determined by the valency of 
the ions formed and are independent of other properties. For instance, 
under these conditions the mean activity  coefficients of potassium 
bromide, sodium nitrate and hydrochloric acid are equal. 1L was also 
found th a t the mean activity  coefficients for very dilute solutions 
depend on the total concentration of all the electrolytes present and 
their valencies, but not on their chemical nature. This observation 
led to the concept of ionic strength suggested by Lewis and Randall. 
The ionic strength of solutions J  is defined as the half sum of the pro
ducts of the concentration of ions by the square of their valency

/  =  -i-2c,z? (2.18)

From Eq. (2.18) it follows tha t the ionic strength of uni-univalent 
electrolytes coincides in magnitude with their concentration, while 
for other electrolytes it is always higher than the concentration. 
For example, in the case of a strong 2 : 2-valent electrolyte with mola
rity  c (assuming that a  -- 1 and c+ ~  c_ 
equal to the quadruple concentration

= c) the i c strength ii

/  =  i ( C.2* +  c2») =  4c

I t  has also been established that for dilute solutions of strong elec- 
trolvtes the logarithm of the mean activity  coefficient of the e lec tro 
ly te  depends linearly on tile square root of its ionic strength

log f ± =  —hY J  (2-19)

This law breaks down at increased concentrations. Experimental 
data for a wide range of concentrations are presented in Figs. 2.1 
and 2.2 (sec page 52).

2.3. THERMODYNAMIC FOUNDATIONS 
OF THE THEORY OF IONIC INTERACTION

A ctivity coefficients were originally introduced as empirical quan
tities which can be found by studying the effects characteristic of 
solutions in equilibrium . For this purpose use is made of such pheno
mena as the variation of vapour pressure above solution with a change 
in electrolyte concentration, the dependence of reversible emf on the 
solution composition, and others. Since the necessity of introducing 
activ ity  coefficients into equations for ideal systems is duo to the 
difference between real and ideal solutions, their value is independent 
of the method of determ ination and is the same for any type of equi
librium  with given conditions and composition. For this reason the 
same activ ity  coefficients may be used to describe different equili
brium phenomena. Tables containing empirical activity  coefficients
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no ol (ileal value. Al the same lime, wiliiin the framework of the 
| cwis theory activity coefficients are only formal correction factors 
which hoar no direct relation to the nature of solutions and do not 
lend themselves to theoretical calculations. Real solutions are known 
lo differ from ideal ones by the presence of additional onergy of inte
raction between their constituent particles. Activity coefficients as 
■I'ciunnlilalivo expression of the change of electrolyte properties when 
switching from ideal solutions lo real ones must be functions of the 
encrcv of interaction between the particles.

Activity coefficients can be related to the energy of interaction 
I . m(,a„s of general thermodynamic equations. The free energy 
6’ of a real solution must be greater than that of an ideal solution. 
0, by an amount corresponding to the energy of ionic interaction. G*: 

G —G + G* (2-20)

from Eq. (2.20) it follows that

( £ ) „ r  <“ "
If we denote the quantity dG*ldn, by gj and lake into account Eq. 
(1.42). t lien Eq. (2.21) may be replaced by

Pi =  Pi +  gt (2.22)
where n nml~u( — cheinicul potentials of an ilh component in 

a real and an ideal solution, respectively 
gr -= partial energy of interaction referred to the

Eqs. (1.16) and (1.41),

m .
(2.23)

where />, =  partial pressure
v; =  partial molecular volume of an 

According to the law of ideal gases

lsequently 0.
=  p? +k7Mn pi

|) The composition of a solution is expressed hero by the n“mbe  ̂°£ 
(molecules, atbms or ions) per unit volume. The equation therefore contains 
Boltzmann’s constant k in place of the gas constant fl, which is lfA tunes as 
uront ns the fnrmor.



i ^ inl!?rali/on«“ nslanl 01' lhc so' cnllotl standard chemical potential. Equation (2.2a) can be transformed to read:

f1' = ^<c> +  k7’ lnc,- (2.26)if we consider that '
Pi =  kTcj

and introduce the notation
Hi<c> =  H? +  k 71 In k / '

Equation (2.26) rewritten for a real system will have the form

, . , Hi =  H? +  kT  In a, (2.27)or (since a, =  c,/,)

Hi =  hJ +  k r  In c, +  kT In /,  (2.28)
Comparing Eqs. (2.26) and (2.28), we find that
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Hi =  Hi +  k r  In /,  (2.29)
Comparison of expressions (2.22) and (2.29) shows the!

k n , .A  =  g : = ( ^ l ) j>  ̂  ̂ (2.30)

and that the activity coefficient can be determined from I lie interac
tion energy gf. The latter can be calculated if the mutual arrangement 
of ions in solution and the forces operating between them are known. 
Neither of these is known with sufficient accuracy, and therefore one 
has to make certain assumptions in order to solve the problem.

2.3.1. DISTRIBUTION OF IONS IN SOLUTION 
ACCORDING TO ARRHENIUS AND GHOSH

Tho third postulate of the Arrhenius theory defines electrolyte 
solutions as ideal systems. According to this postulate it should be 
assumed that the ions in solution are arranged in a random fashion 
and the intcrionic forces are equal to zero. This assumption leads 
(irrespective of the composition of a solution) to a single value of 
activity coefficient, namely to the quantity equal to unity. This 
conclusion contradicts experiment and indicates the invalidity of 
the solution model proposed by Arrhenius.

A different view on the nature of electrolyte solutions was expressed 
by Ghosh, an Indian scientist, in the period between 1918 and 1920. 
According to Ghosh's theory the ions in solution are arranged in the 
same strict order as in the crystal lattice of the corresponding solid 
body. Tho difference lies mainly in that the distance between two 
neighbouring ions is found to be greater in solution than in the
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onuiiml crystal- In this cose the process of solution is idunliJiud with 
swelling. The spaces between the ions urc lillctl with solvent molecu
les a 11(1° the inlcrionic forces are weakened as a result of increase of 
the dielectric constant and of the distance between the ions. Ionic 
interactions are electrostatic in origin.

On the basis of these and some other postulates Ghosh succeeded 
in deriving formulas for calculating the free energy of solution, 
activity coefficient, heals of dilution, etc. Within the range of mode- 
late concentrations these formulas are in qualitative agreement with 
experiment. The premises of Ghosh’s theory however do not agree 
with present-day data on tile structure of solutions and many of its 
inferences are iii conflict with experimental facts. 1’or example, from 
this theory it follows that tile temperature dependence of the poten
tial energy of a solution is contingent on the variation in the dielec
tric constant of the solution. Ill fact the potential energy of a solution 
depends directly on temperature. The results of X-ray and other 
methods of studying the structure of solutions do not support Ghosh s 
ideas that the crystal lattice of the original substances is preserved 
in electrolytic solutions. The discrepancies between the Ghosh 
theory end experiment should primarily be attributed to tile fact 
that no account is taken in this theory of the role of thermal motion 
which is hound to distort the ordered lattice-like structure of the

2.3.2. THE UEBYE-Ht'CKEL THEOHY

The Debyc-Hiickel Model of Electrolytic Solutions. The modern 
theory of electrolytic solutions, the basic propositions of which were 
formulated by Debye and Hiickcl in 1923. arose as an attempt to 
improve Ghosh’s theory. Debye and Hiickcl attempted to build 
up such a concept of solutions that would reflect ion-ion interactions 
and the effect of thermal motion. It should be noted that Ghosh was 
not the only predecessor of Debye and Hiickcl. Van Laar, Sutherland 
Bjerrum. HcrU, Milner and others hnd anticipated in their works so
me of the basic propositions of the Debyc-TIiickcl theory. But these 
earlier works attracted little attention at the time and none of them 
influenced noticeably the development of the theory of solutions.

Debye and Hiickcl accept Ghosh’s basic idea that the distribution 
of ions peculiar to crystals, where each ion is surrounded prcdoDiiuan- 
tly by ions of opposite sign, is retained in solution. As distinct from 
crystals, however, due to thermal motion the ions in solution do not 
retain their fixed position in the lattice points, bill are arranged 
-pherically around an arbitrarily selected central ion. Considering 
that the principal type of motion in solutions is translational (not 
vibrational, as in crystals), the sphere surrounding the central ion 
cannot always contain the same ions. There is continuous interchange 
between the ions contained in the sphere and other ions. Such a sin-
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listical sphere around Ihc cenlrol ion is called llie ionic atmosphere 
or ionic cloud. All the ions in solution are equal in all respects; each 
of them is surrounded by an ionic atmosphere and at the same lime 
each central ion makes part of the ionic atmosphere of some other 
ion (Fig. 2.3). It is the existence of ionic atmospheres that, according 
to Debye and Hiickcl, distinguishes real electrolytic solutions from 
ideal ones. The extra energy C* of real solutions most therefore
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reflect the cumulative effect of ionic atmospheres on central ions. 
Calculation of activity coefficients reduces to finding an expression 
for this energy' in terms of properties of solutions accessible to direct 
measurement.

Calculation of the Energy of Ionic Interaction and Activity Coeffi
cients. The energy associated with the ionic atmosphere is electri
cal in origin. It must therefore be a function of the charge density 
and the potential produced by the ionic atmosphere. Since the lat
ter is a statistical formation, we may ignore the discrete distribution 
of charges and use the Poisson equation to relate the mean charge 
density p to the corresponding mean value of the potential ^

v**“ — TTP (2.31)
whore D dielectric constant

V 1 -- Laplacinn operator, which may be expressed in rectangu
lar coordinates:
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Poisson's equation contains two unknown quantities. p and if. 
To lind them, it is necessary to have a second equation connecting 
these two variables. Debye and Huckel derived the required equation 
as follows. . . .  ,

Let the volume of a solution he V and let there be, per unit volu- 
me. .V| ions of type I. each bearing charge ezu :V2 ions of type 2 with 
charge ezz. .V, of type i with charge ez,. and .V* of the last type >:

with charge ezh. Since the number of charges of the positive ions of 
an electrolyte is equal to that of the negative ions,

lN ,ez, =  0 and 2.V,z, =  0 (2.:W>
The law of electroneutrnlity is valid not only for a solution as a whole, 
but also for any given clement of its volume sufficiently large as 
compared to the ionic size. If the selected volume of the solution is 
equal to unity, then

2n,ez, =  0 and 2n,z, =  0 (2.34)
wlu rc n, is the number of ions of the species i per unit volume (say- 
one millilitre). However, the charge of a certain volume elemental 
situated in the vicinity of an ion and moving together with it thro
ugh the solution during the thermal motion (Fig. 2.4) will be diffe
rent from zero due to the presence of an ionic atmosphere. If the 
central ion (or reference ion) located at the coordinate origin is positi
vely charged, the volume element dV will then have an excess nega
tive charge. Assuming that the Boltzmann principle is applicable to



the ionic distribution in solution mid Hint I lie forces operating bet
ween the ions are electrostatic in nature, one can express the number 
ol negative ions in the volume element dV as follows:

dn. = n.e*T*dV 
•and the number of positive ions as

dn+ =  n+(T Tr 'W  
The charge of the volume element will then he

(iezM.e 
I the charge density

Taking into account that there are different i 
solution and ascribing to the valency of an ion a 
to its charge, one may write

P = lez,n ,e~ “r'1’ (2.35)

Uon^jiclds” °f UU V"lllC °f P fronl Kq- i," °  lhe I’oisson cqua-

^  ^  ^  (2.36)
Equation (2.36) in its general form is difficult to solve. To sim

plify it, Debye and Hiickel made an assumption that e- ;| «  k7' 
i.e., that the electrostatic interaction is small compared to'tlie ther
mal energy. Expanding the exponential function into a srics

they confined their consideration to the first two terms a 
(he following equntion for p

p = 2ezini— -j^-

The Urst term on the right-hand side of Eq. (2.38) is equal I 
according to the law of electrical neutrality, from which

P =  — 2z?/i,i|>

(2.37)

obtained

and, consequently,
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Introducing n new variable y defined by

* = /  W Z2?/" 

v*i|i =  yhf (2.41)

The qunnlily y. or. more precisely 1 y, is of great value in the theory 
of electrolytic solutions, as will be shown below. Taking into account 
the spherical symmetry of an ionic atmosphere, we may write, in
stead of V*l|>,

j r ! 4 ]  (2-<2»
Substituting1 this vnlup of into Eq. (2.42) givc>

- * £ ( > *  3 ) - * ■ *  <2-43>
where r is the distance from the central ion to the point where the 
electrostatic potential if is determined.

The general solution of this differential equation is

i|> =  A, - (2.44)

The integration constants A, and .4. are evaluated from the boun
dary conditions. As follows from the basic laws of electrostatics, the 
potential if vanishes at sufficiently great distances from the central 
jon (,j., 0 as r oo), this being the first boundary condition, 'litis
condition would be satisfied only if A. =  0; otherwise, with incre
asing distance from the central ion the electrostatic potential would 
shoot up to infinity, i.e.. if -*-oo as r — oo (e*'is a quantity of high
er order than r). Hence, taking into account that .1- =  0. Kq. (2. i4) 
may be replaced by

i|; — .1 [ f (2.45)

To evaluate the integration constant At, it is assumed in the first 
approximation of the Debye-Hiickel theory that ions may be regar
ded as material points possessing a certain charge. In this case at 
r-+  0 the potential i|> must tend to the potential if, of the ion itself.

which is the second boundary condition.
If e~xr is expanded into a series, then

,|-, =  ,|, =  ( l _ y r  +  -i-(y r)> - . . . )
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w itV 'nn itv.1 T heiermS ° f “ “  may bu m'clcc,c'1 «8 ‘—i.p»rt.,l

and one has

A'-~ D  (2.47)
Hence, combining Eqs. (2.45) and (2.47), we get

* = ~5i7 e" "  (2.48)

Tia. quantity ^ in Liq (2.48) is the mean value of the potential a. 
point r produced by the ionic atmosphere and the central ion Re d 
solutions are characterized by the potential of the ionic a t Z J h S  

which is found, using the law of the superposition of potentials 
as the difference between \J> and ip, P

<Pn> =  lp -lp ,= -1 )

(2.40)

lo calculate the interaction energy, it is neccssarv to d 
the potential of the ionic atmosphere at the site of the ceu 
i.c., to find the limiting value of ip,a for r -*  0. Using the s 
Ho^r.wl3 8br ;  , C- , cxl’a,^ inS ll>e exponential function i ries and neglecting the higher terms of the series, one li

According to Rq. (2.49), the quantity $  may be defined as tl 
lial produced at the site of the central ion by an oppositch ,-n 
ion situated at a distance of 1/* from the central ion. The unanUl v 
1/X lias the dimensions of length and is referred to as the lh-ln,e- 
a lZ gth ” ■ Si[1CC tbc P°>»n“ «l ^  produced no. hv
also lib,i'l My ^  '?niC c,outl 08 n wholc- th® quantity l /y mavalso be colled the tluckness, or radius, of the ionic atmosphere
Eq° q(2.a40) y *’ a"‘ '°nCC U,C riMliUS 1/X’ C:'"  be co"'l",trd from
them’v'p\*|d nbo'’L,' in thc r,rst approximation of the Debye-Iliickel 
theory (the point-charge approximation) it is assumed that the ener
gy of ionic interaction is electrostatic in origin. It mav therefore he 
dclinod as the energy of charging a central ion in the electric field of 
an ionic cloud. It is known that the energy of charging up a
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from a stole of zero charge lo a charge of q in the held ip is equal to

j  'Pd<7 =  ^  J <7^ =  Y T =  I 'M  (2'50)

since q — t ’ip, where C is capacitance.
Substituting into (2.50) the magnitude of the charge on the cenlrul 

ion instead of q. and the quantity ip' from Eq. (2.49) in place of ip 
yields the following expression for the energy of charging, which is 
equal Lo the energy of interaction between the central ion and the 
ionic atmosphere:

lit = 2~ (~ZT z ) =  22TZ (2-51)

Using expression (2.51) in conjunction with (2.30). we get for the 
activity coefficient:

ln h  =  -  2DVT z (2-52)
Substituting the value of T. from Eq. (2.40) into (2.52). one has

>»// =  (2’53)

To express the composition of a solution in terms of the concentra
tion in moles per litre instead of the number of particles per unit 
volume, tin- quantity n, must be replaced by c,A 'a/1000. The follo
wing formula is then obtained for the activity coefficient of the ionic

/ nflAlc,z] 
\ 1000 (2.54)

In most cases it is necessary to know, apart from the activity 
coefficient /, of a particular ionic species, the mean activity coeffi
cient / ± of the electrolyte, the moreso that experimental data enable 
one to determine this quantity rather than /,. An expression for the 
mean activity coefficient /± can be found from (2.54), taking into 
account that

In /* =  1  2v, ln /,

where v is the number of ions into which an electrolyte molecule is 
dissociated: it is equal to 2v,. This expression is written down as

in / ± =  1  2v,A f ( — 7^ ) ,/* (2c,z?)*'* (2-55)

i> Here and further in the text the difference between the throe methods of 
expressing the activity coefficient is ignored, whicli is quite permissible for 
dilute solutions.
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Equation (2.")")) can be modified, passing over from nalural lo de
cimal logarithms, by introducing tbe ionic strength J = i  TJciz? 
and lumping together all the concentration-independent quantities 
into a new constant h 

^ log/±= —h V l  (2.56)

A =  1.283 x 10" -  2v,z? (D T y ^  (2.57)

For a binary electrolyte dissociating into ions of valencies z_ and z . 
from Eqs. (2.5G) and (2.57) it follows that

log/± =  -1.283 x 10" | z+z_| (D T )-'r.y j (2.58) 
and for a binary 1 : 1-valcnt electrolyte

logU  -  -1-283 x 10« (D '/y’i - y j  (2.59,
For the mean activity coefficient of a uni-univalent electrolyte at 

room temperature (25°C) and with a solution having a dielectric 
constant equal lo that of water (D = 78.3) the following formula, 
corresponding lo the point-charge approximation of the Dcbye- 
Hiickcl theory, is valid:

log/± =  —0.51 y T  (2.60)
Comparison of the Dcbye-IIiickcl Theory with Experiment. The 

Debyc-Hiickel theory permits one to obtain the same equation for 
the activity coefficient as has been experimentally found tor dilute 
electrolytic solutions. Tbe theory thus appears to be in qualitative 
agreement with experiment. Before proceeding to a quantitative 
comparison of tile Debyc-Hiickcl theory with experiment it is appro
priate lo consider the following assumptions underlying this theory:

1. Tbe number of ions in solution can be determined from tile 
analytical concentration of the electrolyte since it is considered 
to be completely dissociated (a = I). For this reason (lie Dehye-Iiiir- 
kel theory is sometimes referred lo as the “theory of complete disso
ciation". However, it may also be employed incases where a ^ i .  
Indeed, having determined the degree of dissociation of a solution 
of a weak electrolyte from the intensity of light absorption, one can 
find the true concentration of its ions and then, by ICq. (2.60), the 
mean activity coefficient.

2. Tbe distribution of ions around a central ion obeys the clas
sical Max well-Bolt/.maun statistics. From the physical point of 
view it is unclear to what extent tbe classical stntisiics is applicab
le lo an assembly of charged particles (such as ions). The Debye- 
Hiickcl theory in fact uses an ionic distribution of a type different
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charge on the ions increase, the size of the ionic atmosphere becomes 
comparable with the ionic size, which contradicts the concept of the 
ionic atmosphere.

5. In creating the theory of the molecular (microscopic) structure 
of solutions one may use the dielectric constant, which is a macro
scopic properly of a system. It was assumed in calculations that the 
dielectric constant of a solution is equal to that of a pure solvent. 
These assumptions may hold true in the case of dilute solutions. 
For more concentrated solutions it is necessary to lake into account 
that the dielectric constant varies with electrolyte concentration and 
the use of an averaged dielectric constant will not he sufficiently 
rigorous.

Thus, with the assumptions made by Debye and Hiickel their the
ory can be applied only to dilute electrolytic solutions containing 
low-valency ions. Equations (2.52) to (2.56) and (2.58) to (2.60) 
correspond to this limiting case and express the so-called Debye- 
Ifiickel limiting law or the first approximation of the Debye-Iliickcl 
theory. For this reason, when testing the Dcbye-IIiickel theory as 
the limiting law it is necessary to take into consideration that the 
higher the concentration of an electrolyte and the magnitude of the 
charges of its ions and tho lower the dielectric constant of the solu
tion, the poorer will be the agreement between Ibis limiting law and 
experiment.

The Debye-IIiickel limiting law yields correct values of activity 
coefficients for a 1 : 1-valenl electrolyte (sodium chloride), particu
larly in very dilute solutions (Table 2.!). The fit between theory and

TABLE 2.4
Comparison of Experimental and Calculated Activity 

Coefficients for Solutions of XnCI and ZnSOj 
(Water used as solvent. / 25'C)

experiment becomes poorer as the concentration increases. In the 
case of a 2 : 2-valcnl electrolyte (zinc sulphate) there is a discrepancy 
between the calculated and experimentally observed activity coeffi
cients even at very low concentrations (see Figs. 2.1 and 2'.2). For 
example, at a concentration of 0.01 mole per litre the divergency 
exceeds 30 per rent.



(I calculated values of the slope of log / ± ver
ms for dilute electrolyte solutions in water-ethanol 
:1 in Table 2.5.

~ : ;s „ p. c l . «p. | cal. „p. | cal.

a.i’s
k -ii
1.90

1.32

1.40
1.74
2.74

! [70
2.H5 g!io

1.51 
2.05 
.1.98

In this case loo the discrepancy between theory and experiment 
becomes larger with the growth of forces of interaction between the 
ions, i.c., as the valency of the ions increases and the dielectric con
stant of the solvent decreases. These and other experimental data 
indicate that the Debye-Hiickel theory provides a correct description 
of the behaviour of electrolytes in the region where the assumptions

..................................[I.
it of the Debye-Hiickel Theory. The first attempt 

Debye -Hiickel theory and extend the range of 
‘e by the authors of the theory. In the so- 

i Debye and Hiickel abandoned the 
pi of ions as point charges (assumption 3) and tried to consider 
s entities of finite size, every electrolyte being given a certain 

H that assumption 4 is also changed), 
to ions, Debye and Hiickel thereby 

ccs of noncoulombic origin that 
n approaching one another closer 
on the nature of the electrolyte. 

1 (the second approximation), after the 
\c  derivation of the limiting law •>, the 

y coefficient of the ionic species i is given by

In /i = - i s r - r f e r

- - T m T T

(2.62)

(2.63)
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wliero b = /  Y J  ami h retains its previous meaning. I'or the mean 
activity coefficient of an electrolyte dissociating into v ions, of 
which vj_ have a valency of and v_ a valency of 2.. the linite- 
ion-sizc approximation leads to the equation

In i± — (2.04)

All the equations involved in the second approximation differ from 
the corresponding equations of the point-charge approximation hv 
a factor of

l+o/.
According to its physical meaning the parameter a depends not 

only on the nature of thccleclrolytc, the mean activity coefficient ol 
which is to be calculated, but also on the nature of oilier electrolytes 
present in the solution since all the ions in solution participate in 
the formation of an ionic atmosphere. In this connection the crystal
lographic radii of individual substances cannot be used to determine 
the mean ionic diameter a of an electrolyte; it is found by experi
ment. Hence, in contrast to the point-charge model, the equations 
of the linitc-ion-si/.c model contain an empirical constant.

'Ihe best agreement with experiment was obtained by La Mer 
and his coworkers, who also started from the assumptions made by- 
Debye andlliickcl in their second approximation but provided a more 
precise mathematical solution of the basic differenti-1 equation 
'lhcy showed that if one lakes into account not two hut more terms 
in aseries into which the exponential function e (‘ c s ’' . j... ..x,)all(|C(| 
then the equation for the mean activity coefficient of a i i- m v electro
lyte assumes the form

1,1 f± = -  (2.(15)

hquation (2.65) differs from Eqs. (2.62) and (2.6'.'. in that it 
contains the term £/l„. which is the sum of the terms fr.’.m the third 
to Ihe fifth or sixth. If the extra terms in the series aiv taken into 
account, it will be tantamount to partial removal of tin'.cs-umption 
that «,i|> <  kT. Here the energy of ionic interaction becomes compa
rable in magnitude with the energy of thermal motion of ions thomdi it 
remains lower as before; this circumstance must extend tin- range of 
application of the theory. As shown by experimental data (see fab
le 2.6). Eq. (2.65) allows one and the same positive value of the mean 
effective diameterw to be used for calculating f ± , while in the linite- 
ion-size version of the Debye-IIiickel theory the diameter <1 is not 
a constant and may be negative, which contradicts its physical 
meaning.



Values of flu- Parameter « in Kqs. (2.02) 
and (2.05) nl which (lie Calculated Value 

of (he Mean Activity Coeffieienl of ZnSO, 
Coincides willi I lie experimental Value, t 25°C

0.008
0.577
0.287

3.G5
31 3.02

The drawback of the La Mcr formula is Ihc cumbersome procedure 
for calculalini' Ihc sum 2/?„. In order (o facilitate calculations, 
special tables have been compiled, which contain values of II for 
various values of n. a and y_. Since the sum of the lirsl two terms in 
a decreasing series is always greater than the sum of the subsequent 
three or four terms, it follows that

2l)kT

f the mean activity coefficient /± greater than unity 
ained from formula (2.65). which renders if inapplicable 
f concentrated solutions.
■icnl Formulas for Calculating Activity Coefficients.

..n.nl.i c investigators have made an assumption that when two 
oPjwwii..I c charged ions approach each other, ion pairs may be for
med As i’is1111ct from molecules, ion pairs are held together by 
Cnn|nnihic .orres. l'he probability of formation of ion pairs and also 
Of more lex ionic assemblies is not taken into account by the
l)ebve-IL..-kel theory. This is one of the reasons behind its disagre
ement wile experiment. The degree of association of ions into pairs
l,,.c pt.en calculated and compared with experimental data. The results 
of ||ii« cm panson show that ion association docs play an important 
iv.ri nsm-ciallv in solvents with a low dielectric constant.

o lake into account the variation of dielectric 
incenlralion of solution. Assuming ions to have 

a finite size hut neglecting all the terms of a series into which the 
exponential function is expanded, except for the first-order term, 
Iliickcl inferred that the dielectric constant decreases with increasing 
concentration of the solution. The fall in the dielectric constant is 
due to the orientation of solvent dipoles around the ions with the 
resulting decrease in their response to the effect of the external field.

Senii-e

Iliickcl
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In spile of the physical plausibility of this hypothesis, the derivati
on of the equation for the activity coefficient given by Iliickcl cannot 
be considered correct. This follows, for example, from the fact that 
the decrease of the dielectric constant and the associated growth 
of the forces of ionic interaction progressively invalidate the assum
ption that ez,i|> <  k7\ The equation derived by Iliickcl is cumberso
me, but it can be replaced by a simpler one:

Xos,±=~hT~7̂ T"rDJ (2'66)

where A and B are empirical constants. If the values of A and B arc 
chosen correctly, the Hiickcl formula (2.66) agrees well with experi
ment and is convenient for empirical calculations. It enables one to 
obtain positive values of log / ± in the region of strong interionic for
ces, where the product BJ  will be greater than the first term. This 
makes it possible to use the Hiickel formula at high concentrations.

With successively decreasing inlcrionic forces I lie Hiickcl formu
la is transformed first into the formula of the Oebye-Miickcl linite- 
ion-sizc model (but not into the La Mer formula) and then into the 
Debye-Huckcl limiting law. For practical calculations it is convcni- 
ent to use, along with the Iliickcl formula, tin: following semi- 
cmpirical equations:

log/ = = - ■ — : y j J- (2.67)

log l ± =  -  h ' ; : S~ . UJ (2.68)

Thus, in the course of the development of the ilieorv of solutions 
on the basis of the concepts introduced by Debye and Hiickcl it 
became necessary to resort to various semi-empirical equations in 
all cases where the electrolyte concentration was high. The deriva
tion of theoretical equations applicable over a wide range of con
centrations requires the development of more realistic conceptions 
of the molecular structure of electrolytes and of the nature of forces 
operating, along with coulombic and thermal forces, between all 
the particles in solution.



CHAPTER 3 

Solvation and Hydration of Ions

3.1. EMPIRICAL HEATS OF HYDRATION 
OF ELECTROLYTES

The thermal effect observed on dissolution of one gram-molecule 
of a substance is called the heat of solution QL. Heats of solution are 
usually small and may be cither positive or negative. Considering 
that the ions in solution move independently of each other and beha
ve'as independent particles, it may be supposed that during the pro
cess of dissolution the bonds between the ions in molecules or in 
a crystal lattice are broken. The energy of bond rupture in the mole
cule and the lattice energy are high. Small heats of solution there
fore indicate that the energy required to break up a crystal lattice, 
U is generated in the process of dissolution.

Though th is energy is experimentally inaccessible, it can bo 
evaluated  with sufficient accuracy by indirect methods. According 
to the views widely accepted at present and based on the works of 
K ablukov, the energy bringing about the rupture of bonds in the 
molecules of an electrolyte is produced by interactions between its 
ions ami solvent particles (when water is the solvent, the process is 
known a. hydration). This energy is equal to the change of the Gibbs 
free energy taking place during the reactions 

M1* zH20 =  M(H20)^
and

A*- +  l/H,0 =  A(H.O);-

which give rise to hydrated ions. Similar processes are also found to 
occur in nonaqueous solutions, but leading to the formation of 
solvated ions (the process known ns solvation). The energy effects of 
these two types of reactions are known os the hydration energy l h 
and the solvation energy Us, and the corresponding thermal effects as 
the heat of hydration Qh and the heat of solvationQs (assuggested by

The" Veals of hydration were first calculated by Haber and Dorn 
with the aid of cycles based on the well-known thermodynamic law 
(Hess’s law). The application of the Born-Hnber cycle is exempli
fied by the determination of the heat of hydration of potassium chlo
ride.
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the first step of the cycle i
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■ '  T r  VT1 • V 'T  ”!,u f?*«>"‘-molecule of crystalline 
potassium chloride is broken up. giving rise to free gaseous polas- 
Mum and chloride ions: the energy used up is the lattice energy 
{cal'*. I he ions are transferred into the solvent where they form a so
lution of potassium chloride. This process leads to the evolution of 
the total heal of hydration of a potassium ion K̂ Qh and a chloride 
ion {" ll>o second step one grain-molecule of crystalline
potassium chloride is transferred directly into tile same volume of 
solvent to form a solution of potassium chloride; this process is 
accompanied by the thermal effect Kci(>/.. The entire cycle may he 
represented schematically as follows:

Assuming all the steps of the cycle to he 
mal and applying Hess’s law. we’obtain

versihle and isothcr-

fa-<?,, = Kci(?x.-:-Kcil-'* (3.1)
Equation (3.1) allows Ihc heal of hydration to be found if the 

heats of solution and Ihe la ttice energy arc known.
Unlike the heat of solution, the lattice energy cannot ic dctcrinin 

ed cxperimenlaUy. Its value is calculated by‘using the lh.ru equa-

where K.v =  Modelling constant depending 0n the mule 
incut of positive anil negative ions in 
(its values for various types of crystal 
known)

r =  equilibrium distance between oppositely cl 
in a given type of lattice 

n = repulsion coefficient ranging from 5 to 12 
found experimentally from the compressihi 
crystal).

Kapustinsky proposed formulas which, though less pi 
the Horn equation, arc more universal and do not require r 
calculations associated with the determination of Kw ai:

(3.2)

of the

Lig =  256.lv ~ z r

" “Sing Eq. (3.1) it should be borne in mind Hint il is , 
since, along with Hie beats, il contains Hie lattice energy t ',.

(3.3)

rigorous



(3.4),3ia
)

where v =  number of ions in a molecule of an ionic substance 
tj_ anil z_ - valencies
,. and r -radii of positive and negative ions.

‘ in determining the heat of hydration it is possible to avoid calcu
lating the lattice energy by using a more complicated cycle:

KtSh

(K)

T
-  IK*) <«k

f(CI2)

(Cl)

(CD

Merc -Oi - heat of formation of crystalline potassium chlori- 
de IKCII from potassium and chlorine taken in 
their standard state, i.e.. in the form of solid 
metallic potassium (KI and gaseous molecular 
chlorine (Cl2)

— SK =  heal of sublimation of potassium with the forma
tion of gaseous atomic potassium (K)

_L j9(.|„ =  energy of dissociation of molecular chlorine into 
gaseous atoms (Cl)

_ /K+ =  energy corresponding to the first potential of 
ionization of potassium atom with the formation 
of gaseous potassium ion (K ')

— energy which is a measure of electron affinity of 
chlorine atom.

The remaining quantities have the same meaning as before, from 
this cycle it follows that

K+<?l. -I Ol-CA =  KClĈ L +  KC1<?/ +  -Sk -I- J  Dch ■■ — ^Cl- (3 -5)

The heals of hydration have been determined for various compounds 
with the aid of the empirical methods discussed above. Some of 
the data obtained are given iu Table 3.1. —
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3.2. 1IEATS OF HYDRATION OF INDIVIDUAL IONS
3.2.1. DEPENDENCE OF THE HEAT OF HYDRATION 

OF AN ION ON ITS PROPERTIES 
The differences in the heals of hydration of elect ml v 

a common ion, for example, 5
or liK?*—Kaflti and Lict£h,—NnCi&

Ner<?h—NaciQi, and KrQh—KC1̂ A
are closely similar (see Table 3.1). Hence, ll.e heals of l,Vl| 
substances aro additive, being composed of the hcal< of l-'.-.i 
the constituent ions.

It can be seen from Table 3.1 that if the hydration em i-v 
urn ion ,s taken to be equal to zero in the scries of alkali , 
xidcs, then the values of the conditional hydration cner-ic- < 
will increase in the sequence indicated in Table 3 •> "

In a similar way, using experimental data on the heats o; I
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An assumption lias been made that since llie valencies and crystal
lographic radii of (lie ions K * and I'" are equal (rK- ̂ 'r -  |.:!.i.\)
their heals of hydration must also be equal and can be determined 
simply by dividing in half the experimental heat of hvdralion of 
potassium fluoride. This assumption made by Denial and Fowler 
does not take into account the fact that anions are more hydrophilic 
than cations, which means that the F" ion requires a relativelv lar
ger fraction of the total heal of hydration.

A more realistic suggestion was made bv Mishchenko in 19i7 
who assumed that the heals of hydration of tile CsT and 1 “ ions une
qual in size are equal. The radius of the iodide ion is about 0.55 \ 
larger than that of the cesium ion. According to Mishchenko the 
larger radius (compared with the cesium ion) and the associated 
decrease of the boat of hydration of the iodide ion must compensate 
for its excess hydrophilic capacity (ns a ncgntivelv charged ion) and 
the consequent increase of the heat of hydration. Owing to the asym
metry of their dipoles molecules of waier can come closer to anions 
than locations. The asymmetry factor, as determined on the basis 
of various water-molecule models, lies in the range of U.22-U.2S A. 
The minimum possible distances between the centres of positive 
and negative ions of equal size and the centre of the water dipole 
must differ by twice this figure. The difference in the radii of the I" 
and Cs* ions is 0.55 A and provides mutual compensation of the 
effects of ionic size and hydrophilic capacity.

lo resolve tile total heals of hydration into individual values for 
the component ions extrapolation methods have been proposed, 
based on the dependence of heats of hydration on ionic radii The 
method developed by Izmailov (1900) is of panic-1 ■ interest. 
It is known that the total heals of hydration of ions forai-i.r ,, given 
substance, as well as the differences in heals of hvdr.nl u>n for like- 
charged ions can be determined quantitatively from ox •• rimcntal
data. Since with increasing ionic radius r or with a d«.....\se in its
inverse 1/r heats of hydration lend toward zero wtiq increasing 
anionic radius the sum of the heats of hvdration of the ions of 
electrolytes with the same cation M* but different ani.u.s must 
lend lo M‘Q„, i.e..

lim («♦<?* t- a-Qh) j_  -*■ >!♦<?*

The difference in the heats of hydration of two cations will lend to 
the same limit if the radius of one of them (for example, the second) 
increases, i.e.,

Um (Ml- & -  _0
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(hydration) of an ion must equal the difference between its potential 
energies in vacuum Uv and in solution

Us — Uv — UL (3.G)
The energy of nn ion in vacuum is given by

wltcrc ze =  ionic charge 
r ionic radius.

The energy of nn ion in a medium of dielectric constant I) if

and the solvation energy in terms of a gram-ion is

Since the heal and energy of hydration are interrelated bv the Gilibs- 
Hclinliollz equation (1.32), which in this particular r ise. i.c., for 
Us = — AGS, may he rewritten as

Us=Q. + T ° g .  (3.8)
it follows that

(3 .0

Thus, according to Bom, the solvation energy of an ion is determi
ned by its chargoand dimensions as well as bv the dielectric constant 
of the solvent. liquations (3.7) and (3.9) can he applied to any soluti
on provided that its dielectric constant is known.

Since electrolytes dissociate owing to the energy of solvation, it 
should bo expected, if Born’s ideas arc accepted, that the ttissociating 
power of the solvent is in direct proportion to its dielectric constant 
This regularity was established by Walden (1903) even before Born’s 
so vation theory appeared. Walden formulated the following empiri
cal rule (known ns Walden's rule) for the tclrnsubstitulud series of 
nmmonin:

D i /V l ^  const (3.10)
where Va is the dilution required to attain a definite degree of disso
ciation a equal for all solutions compared. The data obtained at 
a =  0.83 arc presented in Table 3.5.
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Il is known that with a constant charge density on the plates of 
i parallel-plate condenser the field strength between them is found 
lo he greater in vacuum. i|>y, than in a dielectric. The ratio

- - -  I) (3.11) 

ssuniing that inis called the dielectric constant D of a substance, a 
vacuum D is equal lo unity.

Equation (3.11) implies that part of the charges on the capacitor 
plates arc compensated for by the charges of the dielectric. If (he 
molecules of the dielectric are polar, i.e.. the centres of gravity of 
the positive and negative charges do not coincide, then such mole
cules possess a permanent dipole moment u,,. The dipole moment is 
here defined as the product of any one of the dipole charges, <•/, and 
tile distance between their centres of gravity. I:

ll =  nl (3.12)
The charge iy is a multiple of the electron charge (1.,303 x IQ-'" esii), 
and I is equal lo several angstroms (I A - 10”  cm). Consequently, 
the dipole moment must he of the order of It) ,s. The magnitude 
of the dipole moment equal to I x l()-'s is called the debye (D). 
Under the influence of an electric field polar molecules arc oriented 
so that their positive ends are directed toward the negative capa
citor plate, and their negative ends toward I!i.. positive plate, thereby 
compensating part of the capacitor charges. Tin. donee of molecular 
orientation increases with increasing liehl strength and Tor large 
fields, when all the molecules of tin I oriented, its
response lo the electric field will no I II from that or
vacuum. Under these conditions a si hjch is called
dielectric saturation, and the dielectric 1 distance app
roaches unity. The orienting effect of tin imu rnnnt»i-nricd bv the 
thermal motion of particles. With equal ii<.l,| -in.mrihs. the higher 
the temperature the lower is the degi and the later
will the state of dielectric saturation iie attained li e., at increased 
field strength).

It should he kept in mind that the particles of dielectrics having 
no permanent dipole are capable of altering their shape under the 
influence of an external field, as a result of which they may acquire 
a dipole moment. The moment due lo an electric, held is called the 
induced dipole moment pjn. The displacement of charges in a die
lectric particle giving rise lo an induced dipole will always reduce 
the field strength irrespective of the temperature. Enr not-too-largo 
fields the magnitude of an induced dipole is proportional to the 
field strength:

Hi,, -= a<T (3.13):
where a  is the polarizability.
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I (I i pole moment i

Tlio dielectric coiislanl as a macroscopic characteristic of a sub
stance is related with the microscopic properties of the particles 
‘making up a (riven substance, namely, with their dipole moments and 
polarizability. Various equations have been proposed to describe 
this relation! One of the earliest and most widely used is the Debye 
equation

£ - f i r  =  T  *•'* (3U )
where M molecular weight

d - density of the substance 
iT„ - component of the permanen 

direction of the held.
If an electrolyte is introduced into a pure solvent of dielectric 

constant D„. part of the solvent molecules will orient themselves 
in an electric held set up by the ion charges of the electrolyte. The 
dielectric constant of the solvent must then decrease because some of 
its molecules will be oriented around the ions and become passive 
in respect of the external held. The dielectric constant of the solution 
is therefore lower than that of the initial solvent. The lowest value 
of the dielectric constant is observed in the vicinity of an ion. In 
the rase of ions of different size but equal charge, the smaller the 
ionic radius, the more pronounced is the depression of the dielectric, 
constant. Accordingly. Webb introduces into the Horn equation the 
values of dielectric constant corresponding to each radius (l)r). 
which is always lower than the dielectric constant of a pure solvent. 
The second effect taken into account by Webb is associated with the 
phenomenon of elcctrostriclion. i.e.. compression upon dissolution. 
As a result of eleclrostriction tile volume of the solution becomes 
smaller :hnn the sum of the volumes of the pure solvent and solute. 
A certain amount of energy is required for the work of compression. 
Both ll.i'c  elfecls being taken into account, the energy and heal of 
hvdralun- calculated from the Born-Webb formula diminish and 
approach experimental values. In the Webb theory, however, the 
solvent : - still regarded as a continuous medium and neither the 
struct nr-- if its molecules nor the constitution of the liquid is recko
ned with. But these properties may be more significant limn the 
value of dielectric constant. For example, comparing the data of 
Tables .; I and TO. one can see that in alcohols, the dielectric con- 
slant of which is lower Ilian that of water, the heals of solvation 
are approximately the same as for water. In some cases they ure even 
higher than the corresponding heats of hydration.

Thus, the assumption of the exclusive role of dielectric constant 
in the solvation and dissociation of electrolytes docs not agree quan
titatively with experimental facts. To work out a correct idea of 
these phenomena. ' ’ ’ ‘‘‘ ‘I consider the interaction between the
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TABLE 3.0
Solvation Heats of Alkali Metal Halides 

in Nonaqucous Solvents

solute and the solvent, i.e., following Mendeleyev, one nmst view 
the process of electrolytic dissociation not only as the decomposition 
of the initial particles but also as the formation of new ones. Kablu
kov was the first to suggest combining Mendeleyev’s hydrate theory 
and the Arrhenius theory of electrolytic dissociation. As far back as 
18'JI lie noted the presence of interaction between the molecules of 
the solvent and those of the solute, as a result of which tile bonds 
in the electrolyte molecules are disrupted and complexes are formed 
between individual ions and solvent molecules. This phenomenon 
was later given the name of solvation in general, or hydration in the 
particular case of aqueous solutions.

LCULATING

Van Arkcl and dc Boer’s Met!" 
theory (i.e., the concept of 
homogeneous medium) and 
clrolylo ions and solvent m 1 
data on the structure and | 
and on the forces responsible f 
interaction).

One of the first model inetl 
lion was that proposed by van \i|, 
separating the energy of hydration 
sponding to the energy of form a!" 
the other to the subsequent pro< 
hydration was computed on the 1...................... ..........

1. The number of molecules of water (n) required for theformation 
of the primary shell of hydration is evaporated (in agreement with 
the most usual coordination numbers n is taken as equal to 4. 6 or 
8). The amount of energy spent on this process is n/., where /. is the 
latent heat of evaporation of one molecule of water.

2. Tile evaporated n molecules of water react with an ion in the 
gaseous phase to form a hydrated ion of radius ra; the energy y

Ion the continuum 
« certain continuous and 

u-i tin- interaction between elc- 
hi,..: in1 isi have at his disposal 
e: me molecules of a solvent 

,• i,„ of solvation (ion-solvent

• > ,deid..i ms the energy of hydra- 
k,-> uul de Moor. They suggested

on of the first hydrate shell and 
ess of hydration. The energy of 
.....  of the following cycle:
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evolved in this process is composed of the energy of ion-dipole inte
raction, die energy of attraction und repulsion of dipoles, die energy 
of producing induced dipoles mid finally die Horn repulsive energy.

The rcsulling complex of radius ra (r„ —■ r  -}• 2r,r. where r 
is liie crystallographic ionic radius, and r„. die radius of a water 
molecule) is introduced into die solution. The energy evolved is 
calculated from the Born-Webh formula:

1- l)ra
ms of a gram-ion is the s

(3.15 

n of all (InThe heal of hydratioi 
partial energy effects, i.c.,

& v - \ ' 4  -«*■-i-v-i
This formula provides a heller agreement with experiment than 

Horn's formula. The van Arkel-de Hoer method differs from the 
Horn method in that the process of hydration is divided into two 
steps The energy of formation of the primary shell of hydration is 
computed on the basis of the interaction between the gaseous ion 
and the polar water molecules, i.c., the interaction taking place 
ouisi,l.. il.i. liquid phase. This method of calculation permits one to 
lake into account the properties of individual water molecules 
(their dipole moments, polarizability, etc.). Therefore, in considering 
the pro. ss of formation of the primary hydration shell, where these 
properl! s acquire special significance, it is possible to discard the 
concep' i r water as just a medium of definite dielectric constant. 
•Since “ iie second step of the cycle an ion, which is already parti) 

d lias a radius much larger than the radius of the initial 
iluccd into water, an identical error in the determination 
s of the initial ion will be of less significance here. The 

perturb.d ions caused by the introduction of such a hydrated ion 
into tin water will he smaller and the concept of water as a continuum 
of defn be dielectric constant, and hence the use of formula (.Mo), 
appear he more justified than in the Born method. Van Arkol 
and dr  i loer view the water molecule as a sphere with a radius of 
1.25 A and a dipole moment equal to 1.85 debyes.

Tin van Arkel-de Hoer method has been developed and refined, 
particularly by Mishchenko and his associates. In his works Mish
chenko lakes into account the asymmetry of a water dipole, i.e.. 
the fact that the positive charge of the molecules of water is situated 
nearer its periphery than the negative charge. This modified model 
of the water molecule made it possible to consider the difference 
in the hydrophilic capacity of anions and cations of equal dimensions 
and valencies. Further, Mishchenko took into account some additio
nal effects that had not been reckoned with hv previous investiga
tors, for example, the thermal motion of molecules in the hydrate

hyd 

of the
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shell, nml dispersion forces. All this mode cnlcululions more accurate 
mid rigorous.

The Denial-Fowler Method and Its Modifications. Another trend 
in theoretical work on heals of hydration was initiated by the inve
stigations of Bernal and Fowler concerning the nature of water and 
ice (193T>). Water displays a number of anomalies. Some of its nro 
pcrlios prove to he extremal at a definite temperature Water has 
a maximum density at •VC and the lowest heat capacity at' 
etc. The density of water at a temperature close to the freezing point 
is higher] than that of ice, the ratio d£o /c/uV-o, being equaUo 1 I 
Attempts were made to explain these anomalous properties of water 
as follows. Water molecules exist in the form of associates of lhe 
lype (H,0)„, where n may be any integer from I to 18. With a chance 
of temperature (or pressure) the association equilibrium is dislnr 
bod, the relative fraction of each of these complexes is altered an I 
as a consequence the properties of the water arc changed. Some addi
tional considerations have recently been pul forward in favour nr 
this theory, but the concepts of the quasi-crvstalline stnicli.ro r 
water underlying the theory of Bernal and Fowler are now considered 
detail1™ pr°bab e’ for which rcason "’e shall discuss theni in more

The polar nature of the water molecule and its triangular structure 
cause each molecule to exert an orienting effect on its nearest neigh

bours. The angle 0 ^  in the water molecule is close i„ the tetra

hedral angle and therefore the most probable structure . .. 
a letrnhcdral one. X-ray and oilier techniques iiniic ilt il 1 -i' 
nary pressures and near-freezing temperatures , „ , '
structure similar to the tridymitc structure prc.l.'uii V vv k 
increasing temperature the tridymitc structure is r,.,,v 
irregular .analogue of the quartz structure which has a .... d, ush, 
than Iridymite. The maximum density of water il \'C ■ ■ • \  ,
to the superposition of the packing effect (associated ’-r*

lri<lr U° 10 qUar,7-> on »>« effect of tnen , i , , MOn A further rise of temperature disturbs the ordered ... : ,n 
the liquid particles and converts the water to an amor ' , . '
At near-critical temperatures water does not reveal ■'•■■■ '  '
quasi-crystallinity. However, under ordinary cond.t m „ ‘ ,
sUuc.unr b1y<,lrat‘0n is us"al'y  determined. the qua^i- rv-.aI nc slruclure must be of groat importance to the cner^etiU , f l ' i 
lion process. This idea, first suggested bv Ur-rnTl m l r  i

f X f i . by

or " r w i S T S p , 1: 1' 5' “ J F ' “  <">K ' « a d .
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\. The tetrahedral group of water is taken out of the solution 
into the gas phase. This is achieved at the expense of the energy of 
interaction L t between the tetrahedron molecules and the surrounding 
liquid. The removal of the group leaves a cavity in the solution.

2. The group is then split in the gas phase into five free water 
molecules. The disruption of the bonds holding together these 
molecules requires energy p.

3. Four out of the five water molecules formed are joined to the 
free gas ion with the release of energy ji associated with the intera
ction between the water dipoles and the ion.

4. Now the group, in which one water molecule is replaced by 
an ion is transferred back into the cavity formed in step 1. This 
process’ may involve evolution or absorption of energy y as a result 
of the reorientation of the water molecules in the layer adjacent to 
the group. This is caused by a change in the size of the group and 
by the reorientation of its molecules as well as by the interaction 
between the group and the surrounding molecules. This interaction 
is now of a different nature due to the appearance of a net charge.

5. The water molecule is returned to the solution with the libe
ration of energy X.

According to Eley and Evans the hydration energy is determined 
from the following formula:

Uh =  N a ( -  L, -  P +  n -  V +  X) (3.17)
Some of the quantities in Eq. (3.17) are independent of the nature 

of the ion and can be computed in advance. For instance, one can 
calculate the energy of dissociation P of the tetrahedron into five 
free molecules. If all the coulombic effects are taken into account, 
this onergv is 21 kcal/mole after Eley and Evans. The heat of con
densation .V̂ X of one gram-molecule of water is equal to 10 keal. 
The value of n is determined in the same manner as p. with account 
taken of cmlombic forces of interaction between the water dipoles 
and between these dipoles and an ion of a given charge and radius. 
The value- of y and L t are not determined separately, but their 
difference can be computed. In calculations, the difference in the 
dimension- of the formed and initial letrahedra is ignored. When 
one water molecule is replaced by an ion in the tetrahedron, four 
molecules of water are reoriented around the ion introduced, ihe 
forces of .nirraction between the reoriented water molecules and 
the water molecules which surround them but are not part of the 
tetrahedron will be different from the forces observed for the origi
nal group. The change of the interaction energy is denoted by 6. 
When the charged tetrahedron is transferred back info the solution, 
an energy is produced that is given by the Born formula:
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The overall value of hydration energy for a gram-ion is

=  ( l - - )  + ^ - ^ 6 - 2 1 + 1 0  (3.18)

For negative univalent ions .V,v6 =  20 kcal, and for positive uni
valent ions Na6 =  8 kcal. i.e., for A" anions

+ .V a.t- 3 1  (3. |9)
and for M* cations

»1 *u h =  1^7 ( 1 ~ ~ jj)  +  'VA.T -  1 SI (3.20)

The Eley-Evans method assumes the hydrophilic capacity of cati
ons and anions to be equal and takes into account onlv the coulom- 
bic forces of interaction between electrolyte ions and water dipoles 
Besides, the quantitative treatment in their method is based solelv 
on the coordination number -1. which narrows the raiu>o of its annli 
cabilily. '  1 H

3.2.5. COMPARISON Op THE HYDRATION I 
OF INDIVIDUAL IONS. CHEMICAL \ \ n  

HYDRATION ENERGIES

Now that we are acquainted with the principal 
ques employed in the study of the energetics „f u„. 
it is interesting to compare the results obtained >. 
methods. This comparison helps, in the prsi j . | . 
tho values of heats and energies of h'-d'-di..,, 
how well I he data of various authors agree Tb- 
and energies of hydration obtained bv the 
are presented in Tables 3.7 and 3.f r [ 
calculations made by other methods 1 
son. In the Fajans method, use is math' of e»-e|,.c 
cation of hydrogen and polassimn-aiiudg 
of hydration are calculated accordinglv'bir H„. 
siurn ion. Combining the thus obtained '••d,,,,.. 
heals of hydration of elcclrolvlcs enables i„ p 
lion for any other ions. Though in ll 
calledOstwald■‘absolute "scale of potential u-i.t-q, 
as scientifically founded, the data obtained b 
certain interest as the first results of t|.e0r»'i 
hydration heats.

mis tecliiu-

udge about 
idlv. to see 
»f the heals 
■ibed above 

11 of 
1 uri- 

1 , pli-
ul the heals 
I the polas- 
I r e ital 

is of hvdra- 
e of the so- 
he regarded
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n 11!Iiors'rivifl! rd-i^r r"'* °nc should remember that not all aulhois made strict distinction between heats and energies of hyd- 
raliou. lie allies of hydration heats therefore included terms corre
sponding lo changes in free energy, and those of hydration energies

Chemical Heats of Hydration for fndividual Ions

included 1 hernial effects. The most exhaustive distinction between 
heals and energies of hydration was drawn by Elcy and Evans, 
Izmailov and a group of authors including Vasilyev, Zolotarev, 
Kapuslin.-ky. Mishchenko, Podgornaya, and Yatsimirsky (1960).

As first noted by Lange and Mishchenko (1930), all the known 
methods of calculating ionic heats and energies of hydration ignore 
the electrical work (lone by an ion in traversing the vacuum-solution 
interface. I11 calculations, account is taken of only the ion-solvent 
interaction; the calculated energies and heats of hydration thus obtai
ned were named by these authors the chemical energies and heats 
of hydration. If the charge of a gram-ion is zF and the potential
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TABLE 3.8
Chemical Energies of Hydration for Individual Ions

Uhtc/I) =• —̂ Oh(chy. kcal/g-lon

0.80
1.33
0.80

jump across the vacuum-solvent interfile 
the electrical work involved in traversing this i

zFX (3.21)
At the same time the experimental data on the heals and energies 
of hydration of ions include electrical terms. It should he noted that 
Uio presence of a potential jump ■/. and the associated electrical 
energy of ion transfer does not afTecl the energv of hydration of an 
electrolyte as a whole since the law of cleclroneulralit v holds for 
any electrolyte:

=  0
ami, consequently,

Xv,z,Fx =  0
The heals and energies of hydration which include (he energy 

liange on passage of an ion across tile potential difference y were 
named, respectively, the real heats and energies of hydration as sug
gested by Lange and Mishchenko. Tile real and chemical energies of 
liytlration are connected by the following relation 

A<7h(r, = AGhicfli zh zFy_ (3.22)
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An analogous equation *> is used to interrelate the real and chemical 
heats of hydration:

AHhir) =  Affluent ±  zP / (3.23)
The chcmicnl^licals AHh and chemical energies AGh are given 

in Tables 3.7 and 3.8.
A comparison of the values of chemical heats of hydration A//>, 

and chemical energies of hydration AGh shows that the difference 
between them is not groat. For each particular ion the difference 
between the heal and the energy of hydration is smaller than that 
between the values of Af fh or AGh obtained by different authors.

A Hh =  A Gh + TAS„ 
the closeness of the values of AHh and AGh for a given electrolyte 
implies that the entropies of hydration ASh arc small.

Real Energies of Hydration for Individual Ions

•' III liqs. (3.22) and (3.23) the plus sign rotors to anions, and the minus sign 
to cations.
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b y ^um kin  and subsequently employed by a number of authors 
1 able 3.9 lists the values of real hydration energy for some ions 
obtained by various investigators.

For each particular electrolyte the sum of the chemical heals or 
chemical energies of hydration of ions must equal the sum of the 
real heals or real energies of hydration of the same ions and express 
the overall heal or energy of hydration of the substance in question 
A comparison of the data of Table 3.1 with those presented in Tab
les 3.7, 3.8 and 3.9 will show that this condition is not observed with 
sufficient consistency. The discrepancy between theory and experi
ment is largely due to the fact that different authors used different 
Ihermochomical data for calculations. Recent results show better 
agreement This permits one to consider the heals of hvdration 
AM* and the energies of hydration AG,, as more or less reliable cln 
racteristics of the energy slate of ions in aqueous solutions

The differences in the chemical and real energies of hydration of 
ions make it possible to estimate the value of the potential difference 
% across the vacuum-solution interface. According to Frumkin (in 
Ins opinion the data of Randles (1956) on real energies of hvdruin 
and Izmailov's data on chemical energies of hydnuVon are the 
reliable), the value of potential difference y fw  must be close to

3.2.G. ENTROPY OF SOLVATION

As shown above, tile dissolution of substance-' i 
ions increases the degree of ordering of a solvent 1! 
for instance, in the decrease of the dielectric con-i r 
with increasing electrolyte concentration The orde- 
of the interaction between solvent particles and el- 
must increase with the heat of solvation The enli 
the degree of disorder in a system. The enlropv of 
Tore always negative; the more exothermic is the ■ 
lion, the higher is the entropy in absolute value 

The standard entropy of solvation is defined as i|,., 
entropies of an ion in solution and in vacuum-

■sorialing into 
is manifested, 

<n the solution 
ir.-s is a result 
dvle ions and 
characterizes

■ lion of solva-

ilference ill the

A5J =  SI -  Sav
The reference or standard stale is taken to he a gas at 25 C and a pressu
re of I atm or a solution at 25“C and unit ionic activity.'Kxpcri- 
mcnl can only yield the total entropy of solvation of an electrolyte 
to compute the solvation entropy of individual ions one Ins to re

ro iv /z *,:.”;'”'''10"' -  * -  *•»»
•bSlSiU0 SSL- **•“-
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TADI.K 3.10 
Entropies of Hydration of Individual Ions

ion r. A col/K-lo'n ij ,.-v cfll/g'lon*.

Na+
K*
Cd2*
Fc2*

o.'jjjj

3
34.7 !j Al2" 
28.3 5 P-
21.8 ij 01- 
G3.8 Ur- 
00.7 , 1-

0.07 
1.33 
1.81 
t .00 
2.20

104.1
33.2

*8.8

T'rn.n T:i tile 3.10 it  follows tha t the entropies of hydration are
small in m agnitude and increase with decreasing ionic 
increasing ionic charge.

radius and

3.2.7. HYDKATION NUMBEI1S 

As n result of the process of solvation, the solution must contain 
ions with a solvent sheath rather than free ions. Bockris and Conway 
(1954) distinguish between the primary and the secondary solvent 
sheath (or shell). The former includes solvent inolecti'cs strong y 
hound with an ion and moving together with it, and the latter all 
the water molecules the stale of which is different from that of water 
molecule^ m a pure solvent. For many electrochemical processes 
it is im portan t to know how many solvent molecules are inside the 
nrimarv s.-ivenl shell and could therefore he considered participants 
in the si lion of the ion. This number is termed the solvation
number > or hydration number n„ when water is the solvent.
These in- ■,dative values which provide only approximate mforma- 

.... number of water molecules contained in the internal 
t methods yield widely differing hydration numbers 

on method the formation of the primary hydrate shell 
, to be similar lo the freezing of water. This conception is 

shared *1>y many other authors. Eley and Evans,
rc the solvent layer with a microscopic iceberg formed around a so 
lute particle. Since the decrease of entropy on freezing of water is 

L'-deg, the hydration number is
^  (3.24)

layer. Du 
In the I

C cal/n

Another method is based on the variation of the diclcctrie con
stant of the solution with electrolyte concentration. This variation 
can be described by the equation

D = D0 - {6+ +  6.) c (3-25)
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where D =  dielectric constant of solution 
D0 = dielectric constant of solvent 

*+ and 6 . =  positive coefficients for cations and anions.
Assuming that the solvent molecules forming the primary shell 

o U0" r 0T 1U,e ion do " ° l P«Hicipate in lheP S o s  o!
a" I)0lar,,zalI0n’ , c - in " 'c formation of the dielectric constant, we may write:

nhMwD0D = Do — : - £ > o - ( 6 + -i- 6_) c (3.26)
where nh -  minimum number of molecules in the primary hydra- 

lion shealli 
M w = molecular weight of water 

The sum of the coefficients 5+ and 6 . is found expcrimcntallv 
lectr °/ concenlrat,ons wllere ‘he linear dependence of die
lectric constant on concentration is preserved. This sum is resolved 
in o its components in accordance with the nature of the influence of 
cations and anions on the rotational motion of the water molecules 
in the primary shell of hydration. moiccuics

numbers can also be determined by measuring the 
compressibility of the water and the solution. The compressibilily 
solveni be >«>wcr than for the remaining J a n o f  the
0 ' ant- pavingdetermined (he compressibilities by the ultrasonic 

method (from the velocity of propagation of ultrasonic waves in 
Jh»i?° m l°!,) .a-n<l assuminS ll>at the compressibility of the primary 
levoid of" nll°n 15 ? "?  a,ul lhal lhe all(i B‘-  ions are c o m p ®  1 c' 01 d of a primary hydration .shell, Passvnskv -emnuled hydration
numbers for a number of ions. n.nued li> Oration
meM,oIl«’!,ar S0? ?f ,I,1P hydration numbers obtained by the three 
methods indicated above is made in Table 3.11. Though the results

TABLE 3. n 
The Hydration Numbers of Individual I 

by Different Methods s Determined

By Eq. (3.21)
By Eq. (3.2D) 
After l’assynsky

^hat' hvdralinneS° T '1'10-'8 ar° far from uniform' ll'ev all indicate 
increasing ionic charge. Wllh dccreasinS i°»ic radius and
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3.2.8. HEATS AND ENERGIES OF SOLVATION 
OF ELECTROLYTES IN NONAQUEOL'S SOLUTIONS

Tlic energetics of the process of solvation of electrolytes for nona- 
<ineons solvents has been little studied. There is only a limited amount 
of reliable data, including the values of heats and energies of sol
vation for a number of electrolytes obtained by Mishchenko and

IZThe°lheory of calculation of the solvation energy for individual 
ions in the case of nonaqueous solutions has not yet been worked 
out. Attempts to apply modelistic methods similar to those used for 
computing hydration energies have failed. It appears that individual 
energies of solvation calculated in this way are entire y incompatible 
with experimental total solvation energies. In practice the over all 
values of solvation energy can be resolved into separate values for 
the component ions by using the semi-empirical methods of Mish
chenko and Izmailov. ..

The Mishchenko method is based on the assumption that in al 
solvents anions are solvated stronger than cations of equal radius and 
vnloncv. I ll is is Mishchenko’s principle of constancy of the rat io 
■or solvation energies (or heals) of onions and cations for all solvents 
It is known that the higher hydrophilic capacity of anions compared

culcs. 
solvents 
water m 

Izmail'

iv me uigiiei   .
ions is due to the asymmetry in the structure of water mole- 
1,- assumption made by Mishchenko may be valid only for 
l>... molecules of which have a structure similar to that of

, s method based on the experimentally established dcc- 
dvation energy with increase of ionic radius seems to be 
initialed. True, in the case of nonaqueous solutions both 

hods yield close values of empirical individual energies 
of solvation. This can be seen from Table 3.12 which pre- 
irical chemical heats and energies of hydration of lndivi- 
for some solvents as determined by tbc methods of Misli-

from i ,blV"'l2 U is seen that the chemical energy of ion solvation 
decreases in the sequence: water, methanol, ethanol. For liquid 
ammonia. Ihe energies of solvation of cations appear to be .i.gher 
and those of anions lower, than the respective energies of M ^ l,° • 
the reverse is true for formic acid. A comparison of the heals . 
energies of solvation obtained by one and the same method reveals 
th a f th e  difference M h  -  AGS increases in the order: water. me • 
linnol. ethanol. This increase is associated vvilb the decriaH of ol- 
valion energy and the increase of solvation heat in the same order.

and lieai:

dual 10 Il'
chenko a

AH  — AG =  ATS
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the regularity observed should be attributed to the greater variation 
of the solvation entropy of alcohols. Since the entropy of solvation is 
always negative, the effect of ordering must be stronger in alcohols 
than in waler when solvation sheaths arc formed around the ions.

It follows from Table 3.12 that the heats (and especially the ener
gies) of solvation vary only slightly from solvent lo solvent, though 
their dielectric constants differ sharply. Considering the lark of 
wcll-dolined dependence of solvation energies on the dielectric con
stant and molecular structure of a solvent, Izmailov came to the 
conclusion that the process of solvation must he based on factors 
other than those adopted by the existing modclistic methods of 
calculation. In this connection, mention must be made of the theory 
of elcctrolvlic solutions developed by Samoilov (1957) and based 
on Frenkel's molecular-kinetic theory of liquids and Bernal and 
Fowler’s theory of water structure. Following Mishchenko. Samoilov 
defines solvation as the sum of all the changes in the stale of the 
solution caused by the electrolyte ions that appear in it. According 
to Samoilov, these changes arc caused by the interaction of 
electrolyte ions with their immediate environment and also 
bv the ' influence of the ions upon further removed waler layers. 
Long-range interaction is based on the polarization of water layers 
under the influence of an electric field. Short-range interaction is 
associated with the change of the nature of thermal motion of solvent 
molecules adjacent lo the ion. It manifests itself mainly in a change 
of translational motion, i.c., in a change of the conditions of the 
jumpwiso -hift or molecules from one position of equilibrium lo the 
next. In this case the ions influence mainly the activation energy 
of translat'omal motion. V„■ This effect is characterized by the quan- 

the change of activation energy as a result of the 
of electrolyte ions in the solvent. The quantity Ah'., 
the nature of ions; it may bo cither positive or negative, 

o r rase the introduction of ions hampers the exchange 
,,, waler molecules adjoining them and those of the next 

s compared with exchange in pure water (so-called positive 
hi/dration'. In the second case exchange is facilitated (so-called 
negative hydration). Negative hydration is displayed, for example. 
bv*the ion K + Bb + and Cs+. Thus, according to Samoilov’s concep
tion the format ion of strong hydration shells docs not play the prin
cipal part in the process of hydration. While moving, ions posses
sing negative hvdralion do not entrain the surrounding water mole
cules. Ions with positive hydration, for example. Bc|* and Mg-*, 
move together with the first layer, in which translational motion

'S T^c^'a m o i Ion’1 *1 h°eory en a hies one to interpret correctly the diffu
sion of ions in solutions and to estimate the change of he activity 
coeficficnls of water in the presence of different electrolytes. Willi

l ily  A t’.,

depends m 
In the for 
hot wee
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the aid of some additional assumptions Samoilov also determined 
the coordination numbers of a scries of hydrated ions in dilute aqueous 
solnlions. The activation energy U„ characterizes the change in the 
state of water (or any other solvent) due to the introduction of ele
ctrolyte ions, rather than the change in the energy properties of ions. 
When developed further, Samoilov's theory will probably be able 
to characterize also the change of the energetic properties of ions 
in the course of solvation.

3.3. EFFECT(OF SOLVATION ON ACTIVITY 
COEFFICIENTS

In electrolyte solutions ions exist not ns free but as solvated par
ticles surrounded by solvent molecules. The departure of the beha
viour of electrolytic solutions from ideal systems, and hence the 
values of activity coefficients reflecting this departure, must there
fore depend not only on the ion-ion interaction but on the ion-sol- 
vent interaction ns well. A theory of electrolytic solutions taking 
into account both these factors has not vet been developed, but some 
interesting attempts along this line have already been undertaken. 
For example, Robinson and Stokes (1949) maintain that all the 
approximations of the Debye-Hiickcl theory including the equation

log ,v/± -  ~ T Z Z b y j  (3.27)

yield the activity coefficients not of free but of solvated ions. Empi
rical activity coefficients refer only to iito ionic interaction of unsol- 
vated ions. The connection that exists between the activity coeffi
cients of solvated and unsolvalcd ions (/" and /, respectively) can’bc 
found, taking into account that the chemical potential of a solution 
does not depend on whether the ions are in the hydrated or in the 
unhydratod state. Conversely, the chemical potentials of the solvent 
and the solute will be different in these cases. If n is taken to denote 
the number of gram-molecules of the solvent used to solvate v gram- 
molecules of the solute, then, according to Robinson and Stokes, the 
following equation will result

*°g.v/’- =  l o g +  A  log aL -p log [f -r 0.001AfL (v — n) m| (3.2S)

which interrelates the mean activity coefficients of hydrated (/I) 
and unhydrated ( /±) ions. The mean activity coefficient Kf  1 in ex
pression (3.28) is a rational coefficient, and the mean activity cocffi- 
cienl m/ ± is based on the molality scale; in is the molality of the 
solute; Ml is the molecular weight of the solvent, and a,, is its 
activity. Substituting into Eq. (3.28) the value of log v/ ± from



(3.27) nn(I solving the resulting equation for log Kf ±, we gel:

log J ±  =  ~  i - J "  V lo" “>■ ~  ]°g 11 -iO.OOhW,.(v-,()m| (2.29)

Equation (3.29) differs from the corresponding equation of the 
second approximation in the Debye-Hiickcl theory in that it contains 
corrections for ion solvation. If the process of solvation is ignored, 
then the hydration number n will be equal to zero, the second term 
on the right-hand side of Eq. (3.29) will also vanish, and the third 
term will reduce to log (1 +0.001 A-/,, vm), which corresponds to 
the coefficient of conversion of the rational activity coefficients v/ 
to the activity coefficients m/.

liquation (3.29) includes two empirical constants a and n. the 
former corresponding in its physical meaning to the shortest possible 
distance between the hydrated ions and the latter to the hydration 
number of the electrolyte, formula (3.28) of the Debyc-HiickcL 
ion-finite-size model was derived assuming that the dielectric con
stants of the solution and solvent are equal; this assumption con
tradicts reality. In deriving Eq. (3.29) this assumption is preserved, 
but in this case it is more justified since the greatest cliunge of the 
dielectric constant is confined to the primary shell of hydration, 
which is now viewed as an integral part of the solute.

In calculations by Eq. (3.28) experimental hydration numbers 
can be used; the equation will then contain only one arbitrary con
stant. The best agreement with experiment is however obtained for 
other values of n that arc not always consistent with nh values. Ail 
explanation of this inconsistency was given by Robinson and Stokes, 
who found a relation between a and n which reduced the number 
of arbitrary parameters to a single one. The values of a and n 
arc available in the form of tables compiled by Robinson and 
Stokes.

Equation (3.29) provides good agreement with experiment up to 
high concern I rations and can therefore be used to compute activity 
coefficients.

The Robinson-Slokes formula was refined by Izmailov and cowor
kers (195.')-S7) who reckoned with the possibility of incomplete dis
sociation and ionic association and obtained a better fit between 
theory and experiment (for nonaquoous solutions as well). Using 
the theory of hydration developed by Samoilov, Solovkin (19(51) 
derived an equation for activity coefficients in which account was 
taken of ion-solvent interaction. This equation agrees well with data 
for l :l-v a len t electrolytes.
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3.4. THE PROTO LYTIC THEORY OF ACIDS AND RASES 

3.4.1. BRONSTED'S THEORY
As is well known, (lie Arrhenius theory gave rise lo dualislic con

cepts of the nature of acids and bases, according to which the hydro
gen ion (proton) is responsible for acidic properties and the hydroxyl 
ion for basic properties. According to this classical view, acids arc 
substances which dissociate in water to give hydrogen ions, and bases 
arc substances which dissociate to give hydroxyl ions. Hydrogen 
ions arc looked upon as carriers of the catalytic properties of acids, 
and hydroxyl ions as those of bases. Catalytic activity is considered 
as one of the most important characteristics of acids and bases. The 
measurement of the rate of catalytic reactions, say, the reaction of 
mularolalion of glucose, i.c.. transformation of a-gluco-c into an 
equilibrium mixture of a- and P-glucose

a-glucosc =  a-glucose -f- p-glucose
was even employed to determine the hydrogen ion concentration.

Numerous studies have however demonstrated that not only hyd
rogen or hydroxyl ions arc capable of catalytic action. Unionized 
acids and bases, acid anions, aniline derivatives and other substances 
can also function as catalysts. Thus, if catalytic activity is taken lo 
be u characteristic feature of an acid or a base, the definition of these 
concepts must then be revised. Hydrogen and hvdroxvl ions cannot 
be regarded as the only carriers of acidic and basic properties.

A revision of Arrhenius’s concept of acids and bases was also neces
sitated by the discovery of the phenomenon of ion solvation, especial
ly when the energy effects involved in this process became known, 
indeed, the chemical energy of hydration of the hydrogen ion is 
about 200 keal/g-ion, of which 100 to 1<N0 kcal ;> evolved when a hyd- 
ronium ion is formed:

IP  +  H,0 =  I HO'
Since

—AG ---.ItrU \K  (3.30)
where K is the equilibrium constant of the reaction resulting in a hyd- 
roniiim ion:

K =  — -

then, judging by the value of the free energy A0. the ratio of the 
activities of hydroniuin ions and free hydrogen ions at ordinary 
temperatures must be of the order of

- ^ 7 "  =  10"°
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Thus, llicrc are practically no free hydrogen ions in nqueous soluti
ons. and therefore they cannot he responsible for acidic properties.

A theory of acids and bases that contradicts neither the fact of 
hydration nor the present-day evidence concerning acid-base cataly
sis was proposed independently in 1923 by Lowry, Bronsted and 
Lewis. The most weighty contribution to this theory was made by 
Bronsted, for which reason it is called Hrdnsted's theory.

According to Bronsted, an acid is defined as a substance that can, 
in given conditions, donate a proton (a proton-donor) and a base as 
a substance that can accept a proton (a proton-acceptor):

acid =  base +  proton (3.31)
Bronsled’s definition of acids and bases rests upon their attitude to 
the proton. Thu theory is therefore also known as the protolytie 
theory of acids and bases.

According to the protolytie theory the ability of a substance to 
behave either ns an acid or as a base depends on the particular con
ditions of its existence. Under suitable circumstances n substance 
may act either ns a proton-donor, i.e.. be an acid, or os a prolon- 
acc'cptor, i.e., be a base. If a particle loses its proton, that is, exhi
bits the properties of an acid, the proton must inevitably be accepted 
by another particle, which will thus play the part of a base. Since 
this reaction is reversible to some degree or another, the deprotonated 
particle must possess certain basic properties. It can lake the proton 
back from the particle that has gained it, in which case the latter 
particle will possess acidic properties. As there are no free protons in 
solutions, two acid-base pairs must participate in a proton-transfer 
reaction (acid-base equilibrium):

acid i +  bases =  basoi +  acid2 (3.32)
This general equation of the acid-base equilibrium resembles the 
equation of the redox reaction:

rcductanti -f oxidant2 =  oxidantt +  reductant2 
where the oxidation-reduction properties are associated with the 
ability of substances to lose or gain an electron. For example, in the

Cu+ +  Fe3+ =  Cus+ +  FeI+ 
the electron is transferred from the cuprous ions to the ferric ions. 
The ions of univalent copper will therefore function as reducing 
agents, and those of trivalent iron as oxidizing agents. Owing to 
the reversibility of the renction, the electrons may move from the 
ferrous to the cupric ions; in this case the ions of bivalent iron will 
net as reducing agents and those of bivalent copper as oxidizing 
agents.
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Two acid-base pairs participating in the equilibrium are called 
conjugate. The Bronstcd definition of acids and bases and also of 
conjugate acid-base pairs can be illustrated by the following proton- 
transfer (or acid-base) reactions:

acidi base; =  basei •- acid..
If Cl -f- II, 0  =  Cl- -j- l l30 - '
H,0 +  1NII3 =  OH- MMJ
HC1 +  1NII3 =  Cl- +  N lit

According to Bronstcd s theory undissocialed molecules (e g 
HCI and NH3), and positive and negative ions (e.g.. N il- and C h  
may behave as an acid or as a base. 4

llius, “acid” and “base" are relative concepts which arc valid 
under particular conditions. The same substance may behave cither 
as an acid or as a base depending on the nature of the solvent For 
instance, water acts as an acid in liquid ammonia and as 1 hisc 
in an aqueous solution of hydrogen chloride. The relative strengths 
of acids and bases are also dependent on the nature or the solvent 
If, say, acetic acid is used as a solvent instead of water (the basic 
properties of acetic acid being less pronounced compared with walcrt 
mineral acids which are completely dissociated in aqueous solutions’ 
will prove weak electrolytes in acetic acid. Their dissociation in ace
tic acid

HA +  CH3COOII =  A- -1- CIIjCOOHf 
acidi -j- base, =  basei acid.

will be incomplete, and the dissociation 
the nature of the acid. In acetic acid as solve 
rnl acids decreases in the order:

dant will depend on 
the strength of mine-

IlCIO. >  III >  H,SO, >  MCI >  MNt 
Conversely, in liquid ammonia, which is a slro 

water, even woak acids, e.g. acetic acid, appear l« 
completely dissociated:

iger base than 
he practically

CII3COOII -j- NII3 =  CII3COO- -i- Nljf
acid, -f- base; =  base, acid.

Acetic acid is said to be a differentiating, and ammonia a levelling
bases w in ', rCS|)CCl r° aci,,S- Th?lr cfIl>ct 011 -lissociation of
nor i b rcv,ersc- In «Pr°t*c solvents, which can neither donate
nor accept a proton, say. 111 benzene, acids and bases will lie in the
b a s e ^ r 10:1- 811110' U’ h0 ' T cr’ lhc>- arc I-escnl together, an acid- base interaction may occur between them.
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3/1.2. BIU>NSTl-D'S EQUATION

Hv milking use of the prololylic theory of acids nntl liases one can 
arrive at a satisfactory inlerprclnlion of I lie basic regularities of 
„ciil-l>asc catalysis. The catalytic effect of an acid is explained by 
the fact that it is capable of donating its proton to a substance under
going a chemical change. Mow readily an arid gives up its proton 
can be judged by the value of the prololysis const an! which is asso
ciated with the ionization (or dissociation) constant of the acid. If we 
denote an acid by A, its conjugate base by B. and the solvent by L, 
then the prololylic reaction can be written as follows:

A +  L -  n +  L' (3.33)
where L' is the dcprolonalcd (acidic) form of the solvent, correspon
ding to its protonated (basic) form L.

The prololysis constant of the acid A should therefore be repre
sented as

=  - (3.34)

Assuming that cL =  const, we obtain the ionization constant:

Aa =  (3.35)

Since the rale of a catalytic reaction depends on how readily an 
acid donates its proton, i.c., on its strength, then for a series of 
various acids used as catalysis there must exist a relationship bet
ween tlie acid’s dissociation constant A a and the rate constant Aa 
of the reaction being catalyzed. This relationship was expressed 
by Brbusted in the form

k A = const A“ (3.30)
where a is an arbitrary factor ranging from 0 to 1; Eq. (3.30) is valid 
also for reactions catalyzed by bases, i.e.,

kB =  const AS (3.37)
where /.’n =- rate constant of the reaction catalyzed bv bases

An ----- ionization (prolonnlion) constant of conjugate base.
Equations (3.30) and (3.37) arc well justified in practice. These 

equations, known as BrSnsted's equations, arc of much interest. Ihev 
establish a relation between the thermodynamic (equilibrium con
stants A a or An) and kinetic (rale constants k A or k n) characteri
stics of a reaction.

On the basis of Bronslcd’s equations it can be concluded that the 
change of activation energy in a series of similar reactions must
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occur in parallel with the change of the free energy. Indeed, for the 
reactions concerned

-AG =  RT  In K 
and at the same time the rate constant of the reaction catalyzed is 
exponentially related to its energy of activation

k = const e"7”
Oi

—ua =  const +  RT  In Jfc 
For two acids used to catalyze the same reaction we can write

-  AGi =  RT  In Km

-  AG2 = RT  In Kk,
and

— Uni =  const +  RT  In kAl
— ua, = const +  RT  In kA,

Taking into account Eq. (3.36), we get
Atza =  aA (AG) (3.38)

that is, the change in activation energy constitutes a certain fraction 
of the free-cnergy change.
^ A s  an approximation, the free-cnergy change may be replaced by

Aua =  aA (Alt) 
or by the thermal effect of the reaction at constant pressure:

A ua =  — olAQt

From the latter equation it follows that an increase of the thermal 
effect in a series of similur reactions lowers the energy of activation.

Bronsted’s theory is an important step forward as'compared with 
the theories of acids and bases proposed earlier (the ionic theory the 
chemical theory of Hanlzsch, etc.). But even this theorv is not free 
from shortcomings and docs not reflect all the specific features of 
acid-base interaction.



PART TW O  
Nonequilibrium Phenomena 

In Electrolytic Solutions

An electrolytic solution is at equilibrium it in all its parts suffi
ciently large as compared with ionic dimensions all the intensive 
variables are of the same \alue. The condition for an equilibrium 
to be attained is the absence of gradients in intensive variables. 
This condition implies the following:

(1) the temperature of the solution is equal at all points (T -- 
= const, d ’l'ldx =  0);

(2) the pressure (or the density of the solution) is the some (P 
=  const. dPfdx =  0);

(3) there is no potential difference between various parts of the 
solutions (i|> =  const, dUfldx =  0);

(4) the chemical potential is the same in various parts of the solu
tion (u — const, d\i!dx =  0) or, taking into account that p is a fun
ction of activity (concentration), a =  const, daldx =  0 or c = const, 
dcldx ---■ 0.

If even one of these conditions is not observed, processes of ther
mal diffusion, overflow, electrical conduction or molecular diffu
sion will occur in the system, as a result of which the corresponding 
gradient disappears and equilibrium sets in. In tho case of electrical 
conduction the driving force is the electric potential gradient dif. dr; 
the driving force for molecular diffusion is the gradient of chemical 
potential or, roughly speaking, the concentration gradient dcldx. 
Since it is ions, i.c., charged particles whoso velocities arc not equal, 
that diffuse in electrolytic solutions, diffusion in this case occurs 
under the combined effect of the concentration and potential gradi
ents. In this respect diffusion is a more complicated process than 
electrical conduction.



CHAPTER 4 
Electrical Conductance of Electrolytic 

Solutions

4.1. BASIC CONCEPTS 

The ionic conduction in an electrolyte is expressed either as the 
7o7idMtl°,MÛ nCe' °r C°nducUvit,J *’ or as tllL' equivalent (or molar)

The specific conductance, or conductivity, corresponds to the 
conduction in an electrolyte layer placed between two opposite 
faces of a cube with 1-cra edges. It is the reciprocal of the specific 
resistance (resistivity) p: 1 ■

celfanT lin i1!0!11, ^  ,nolar) conductance is define,I as the conductan
ce of an c ectrolyte layer of thickness 1 cm placed between two iden
tical electrodes of an area such that the volume of the electrolyte 
between them contains one gram-equivalent (or 1 <»mole) „f soluie 
flic equivalent and specific conductances are interrelated as follow*-

X = — or ;. =  xV

where ,
(4.1)

c =  concentration of electrolyte, g-eq/ml for moie/ml)
V =  volume of electrolyte, ml. containing, at a given concen- 

(ration. 1 g-eq (or 1 mole) of solute.
— ■ l. ,lCS are,second-class conductors in which an electric cur
rent is transported by ions; the conductance of elect ml vies is there
fore a function of ionic charge, the velocity of ions, etc

suppose that an electrolyte solution of a cross-sect ion il area canal 
to Q is placed between two electrodes (l’ig. 4 . 1) Assume ,i,‘ , 
the distance between two points of the electrolyte in the immediate 
vicinity of the electrode surfaces is I. and the potential drop on this 
interval ( is equal to A,|,. Then, there must exist an electric field 
gradient the electrolytic solution-



Ch. 4. Electrical Conductance 103

If the charge on the ith ion is 
eleclric force «.J

eVt

(his ioi 

— <!$'

/ill he acled upon by on

('t. 3)

Under the action of this force the ion moves with a certain velo
city v, in a direction parallel to the electric field. Since tho ions

r  \~

*______

] ®7 _J
K  ! 1

Fig. A. I. The passage of urrcnl through elcclrolvlc solutions (sche
matic)

migrate in a medium of finite viscosity, there must inevitably 
arise a frictional force ,(/i given by

/{Ji ^  k,v.
where is tho frictional coefficient. Under the combined action 
of, those two forces (until they balance) the ion will move with a cer- 
tain][acccIeration a, depending on ils mass in,:

111,0, = — ,k,v,
Considering that

(4.3)

(4.6)

where 1 is the lime, one can obtain, after certain rearrangements, 
in place of (4.5):

dx = t n ,^ r d x  ik,r,dx ('<•')

7,if' (lx ̂  d (4 - m,v]) ,k,i; dx (■'«.«)

Thus, the electric force is used up to impart the ion a certain kine
tic energy of movement along the direction of the field, d (y 
and to overcome the friction force ik,v, dx.



Substituting the value of a, from (4.6) into (4 .5) and intogralini? 
one arrives at the equation of ionic migration in an electric field!
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Jk i (4.9)

As the coefficient of internal friction is much greater in absolute 
value than the mass of the ion (,k , »  m,), the quantity r ' / V ' ”',) 
Tn 1 ’ “f tif sUr0rt V™6 T’,beco,m“ J'ery small as compared with unity 
JelocUy neglected. The ion will migrate with a uniform

Vl= l k  (4.10)
Substitution of the products z+e (for positive ions) and z e (for ncirn

I I S  » 1 yleWs ' » “»_ :+c Atp J+t. dl|,
+ fk+ I /A-+ ‘ dx (4.11)

:.e dtp
- /A- I JkZ' ~dx (4.12)

(4.13)

i in a given medi- 
; termed the abso-

(4.14)

= an“ %  '
"'here oj and vl arc the velocities of ionic migralk 
um at a potential gradient equal to unitv Thev n 
lute velocities of ions. It is obvious that

t!„lh ?i,passa8ei0f clcclric current through an electrolyte solution 
(in other words, electrolytic conduction) is maL nob ble bv he 
movement of ions under the influence of an electric M W d J  
t.ve and negative ions drift in opposite directions, ' ‘ '

/  =  /+  +  / .  (4.15)
/ a n d  t /  =  lotal curront l,assing through the solution

=  c a U r Cnt1 °f- lhC 1011,1 t,,rre“ l ^ocialcd  with it , . ca.llc>ns mid anions, respectively.
. If. a ccrtall‘ imaginary boundary A A of cross-sort ion >l n
bVeq^rUo^the6 nom!001™ ^ 10 (Fig- 41 )’ Ulc c,,rre" 1 intensity will 
boundary in unit time^AU the'ion0 a-?d “cf allvc ions crossing this 
boundary j ^ ^ o c ^  U *
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nil Hie parliclcs contained in a volume u,Q, will cross it in one second: 

!-2+e (4.18)

(4.17)
where n+ and n . arc the number of cations and anions, respectively, 
per 1 ml of solution. Hence

I  = I+-'r I - = H e +  (4.\ 8)

For a binary electrolyte at infinite dilution it may be assumed 
that a = 1, 2+ = 2- = z, and n+ =  n_ =  » (n is the number of 
electrolyte molecules in 1 ml of solution); hence, Eq. (4.18) simpli-

i1 = h - T l -  = nzcQ(vl +  o 2 )M  (4.19)

Multiplying and dividing the right-hand side of Eq. (4.19) bv 
Avogadro s number A',,, one has

I  = I+ + I-  = czFQ(vl + i-o_)*± (4 .20)

where f  = n,NA is the concentration of the electrolyte in g-eq/ml 
Since he ionic velocities ej and i£ are very low, use is often made 
in electrochemistry of quantities F limes larger. These are called the
tonic mobilities, or ionic conductances:

= Fv1 and }.i_ =  FvL (4 .21)

Substituting the ionic mobilities /.+ and /.L for the velocities o" 
and i>_. m Eq. (4.20) gives

I  =  I +- L  = zcQ (}° - 'r \°_ )^ -  (4.22)
or, at « =^1 ,

I  = I +- - I -  =  azcSl(\$ +  W ) ^ -  (4.23)

Siinilarh, for the currents transported by cations and anions,

I + = a z^ c Q V i^ . (4.24)
and 1

= (4.25)

o A - i o u s  (4.18) and (4.23) express the current intensity in terms 
the . C0I1Centrati°n of an electrolyte, dissociation constant and also 

Qargcs and mobilities of those ions into which it dissociates.



Ohm's law

and liq. (4.23) yield Hie 
of a solution:

HI

^ « 1 ( « T » I   ̂ (/‘-26)

P (4-27)
P =  1/x,

,+ ~ ~T  (4.30)

/+ and are the transport 
respectively. Substituting I 
(4.23), (4.24) and (4.25) into 1 
sions for the transport muni 
ionic mobilities:

' - 4

t- = W ^TL

(4.31)

(4.32)

(4.33)



(4.34)
For n»y electrolyte ns well as for solutions containing several 

electrolytes, Hie transport number of an ionic species i is expressed 
by the equation

where the summation is carried out over all the ionic species.

/..2. PRINCIPLES OK EXPERIMENTAL DETERMINATION 
OF CONDUCTANCE

4.2.1. MEASUREMENT OF THE CONDUCTANCE 
OF ELECTROLYTES 

The conductance of electrolytes is usually determined by means 
of a bridge circuit used for measuring the resistance of first-class 
conductors (metals). In the case of electrolytic solutions use is made 
of alternating-current bridge circuits because the passage of a direct 
current through solutions leads to considerable errors due to ele- 
ctrolvsis and polarization. The necessity of using an alternating 
current of sufficiently high frequency (in order to avoid the errors 
mentioned) complicates (he measuring circuit. Apart from a bridge, 
the circuit includes an a-c generator and special apparatus used to 
roclir’- the current before it passes through the null indicator and to 
compensate for the capacity effects. Present-day apparatus for mea
surin'- the conductance of electrolytes, in which all the specific fea
tures "of second-class conductors are taken into account, yields reli
able results.

4.2.2. METHODS FOR DETERMINATION 
OF TRANSPORT NUMBERS AND IONIC MOBILITIES 

Hillorf's Method. A number of methods for the determination of 
transport numbers have been suggested. The first method was develo
ped by Millorf and later refined by Findlay. Kislyakovsky. and

^ 'iM tlorf’s method is based on the general equation of transport

II makes use of the fact that the concentration of an electrolyte 
the electrodes (in the anodic and cathodic regions) changes as i

(4.3a)

In this case (4.36)

(4.37)
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suit of the passage of a direct current through the electrochemical 
system and of the associated directional movement (drift) of ions. 
Ihe  amount of displaced gram-equivalents of a given ionic species 
is related with the fraction of current borne by each ion and may be 
represented in the form of the expression (IJF)t ,  where t  is the 
time during which the current passed through the system. The total 
number of transported gram-equivalents (faradays) of electricity 
is written in a similar way:

F T
The equation for the transport number of a particular ionic spe

cies will thus have the form:

i i_ x
l t — F _  number of trans|Kirtcd gram-equivalents of substance 

J_ T number of faradays passed through the system (4.38)

The number of transported gram-equivalents of a substance can be 
found analytically from the concentration changes in the anolyte 
and catholylc. The total quantity of electricilv passed is determined 
with a coulomeler (see page 305).

Suppose we have an electrochemical system
Hg, K/KC1/K, Hg

through which a current is passed in the direction indicated by the 
arrow. Tlie left electrode is the anode, and the right the cathode. 
Potassium dissolves at the anode and its ions pass into solution 
The potassium ions move toward the cathode where they are dischar
ged to form an amalgam. The chloride ions migrate from the cathode 
to the anode, i.e.. in a direction opposite to the movement of the 
potassium ions. The migration of both ionic species occurs according 
to their transport numbers. The scheme of the processes taking place 
in the system when one faraday of electricity is passed through it 
may be represented as follows:

Electrode

Migration 
Total .

K — K*
- t  + Kr-j- t
i t ! ' -

since the solution contains only a binary 1 : 1-valent electrolyte, for 
which, according to Eq. (4 .34),

1 — fa. =  t .
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From the scheme given above, the so-called electrode-balance scheme. 
it follows that the passage of one fnraday through the system results 
in the migration of one gram-atom of potassium from the anode to 
the cathode and that the amount of potassium chloride will increase 
by t_ g-cq at the anode and decrease by the same amount at the cat
hode. Let the initial concentration of KC1 be c0 and the volumes of 
the anolyle and catholyle Va and Vh, respectively; then the concen
trations ca and ck in the anodic and cathodic regions '> after the pas
sage of one fnraday will he, respectively,

from which
Ca C0 +  Y2  an<  ̂ Ch ~~ c° —

t_ =  AcaVa and =  — Ac*F*
If tlie number of faradays is z, then

t .  =  Ac°V° and /_ =  — ■'kVk (4 .40)

Hence, in accord with Eq. (4.38), to determine the transport num
bers of ions by Hitlorf’s method it is necessary to know the total 
quantity of electricity passed and the number of gram-equivalents 
of the substance transported.

If, instead of a soluble amalgam anode, use is made of an insoluble 
platinum anode

Pt/KCl/K, Hg

chlorine will be deposited at the anode and (he eleclrode-balance 
scheme will assume the form:

Anodic region CMliodlc nx-lon
Electrode reaction ci- -  ~  Cl- K* — K
Migration . . . . -  <+K* +  <_C1- -r / + K» -  /_Cl“

— /j.KC1 4- -i Cl- — / KC1 K

Here Ihe concenlralion
• 2 "

of the substance decreases both iu the anodic
and the cathodic region. Using Ihe prev ions notation, one can now
write

(4.41)
and

/ _ = - ^ (4.42)

Since
«+ +  «- =  !
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from Iiqs. (4.41) and (4.42) it follows llinl

^c„F„ | SckVh j i

z =  -  (AcaFa -f Ac*F„)

The Irnnsporl numbers in Ibis system can be found without a cou- 
lomeler by using experimental data on the change of the electrolyte 
concentration in the anodic and cathodic regions:

-~*chVk (4.44)

By choosing suitable electrochemical systems one can determine 
transport numbers for any electrolyte.

The Moving Boundary Method. The second method of determining 
transport numbers which has recently found wide application is 

known as the moving boundary method. The 
essence of this method is as follows: a given 
amount of current is passed and after a 
definite lime the distance travelled by the 
boundary between two solutions with a 
common ion is determined. The boundary 
between two solutions is particularly shar
ply defined if one of them is coloured. If 
both solutions arc colourless but have diffe
rent densities, the boundary will be visible 
because of the difference in their refractive 
indices. In either case the movement of the 
boundary is easily followed with the aid of 
a reading microscope.

Figure 4.2 shows the principle of deter
mining the mobility of cadmium ions by 
the moving boundary method. When a cur
rent is passed through the solution in the 

moving uuiimiiiry mvimm direction indicated in Fig. 4.2. cadmium 
ions appear in it and a boundary is formed 

between the solutions of cadmium chloride and hydrochloric acid. 
As the current flows the boundary moves upwards. If the boundary 
travels, in a time x, a distance I equivalent to the volume V =  IQ, 
where Q is the cross section of the lube, the number of gram-equi
valents of CdCIo transferred will he equal to cF. where c is the con
centration of CdCl2. With a current intensity I  the total quantity

CdClj
Cd

Fig. A.2. Measurement 
of ionic mobilities (tran
sport numbers) by Ibc



(4/,5)

and IIC1 solutions is sharply 
of (lie different conductivities of the electrolytes.

xiici >  *cdci2 and 7 /fn n :i)<  
,lcls. i f . ,  the potential gra-

as a rcsull of a temporary interruption of current, the faster hy<J 
ions appear in the zone of CdCl2. then under the influence of the

™ o fh 571r 0c!! 1 oricraci(I!' Co n vers^ I yf if the OI-- 
hydrochloric acid zone, their velocity will fall 
;ed potential gradient. They will lag behind the 
again in the solution of cadmium chloride. For 
sharply defined the optimal concentrations of

i the observance of the so-called Kohlrausch regu-

where the subscripts F and L refer, respectively, to electrolytes with 
fast and slow ions (in our case, to the solutions of HC1 and CdCl2). 

The data obtained by the two methods described above are in

Ko =  a ;  -r  (4.40)

In place of Eqs. (4.32) and (4.33) one may write:

/:= .■£ and = g  (4.47)
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An equation analogous to Eq. (4.47) is valid not only at inlinilu 
dilution but also at any concentration c in the case of binary electro
lytes. This can be easily illustrated by substituting the values of the 
corresponding currents from (4.23), (-4.24) and (4.25) into Eqs. ('i.30) 
and (4.31); this substitution gives:

=  and =  (4.48)

where is the ionic mobility in a solution of concentration c.

4.3. EXPERIMENTAL DATA ON TIIE CONDUCTANCE 
OF ELECTROLYTE SOLUTIONS 

4.3.1. RELATION BETWEEN CONDUCTANCE 
AND THE PROPERTIES OF ELECTROLYTES 

AND THE NATURE OF SOLVENT 

The electrical conductance of electrolyte solutions depends first 
of all on the nature of the electrolyte and solvent. If we compare 
the values of equivalent conductance as measured in aqueous solu
tions at infinitely large dilution, acids will be found to have the 
highest values, followed by bases and salts in decreasing order (see 
Table 4.1). V

Equivalent Conductances of Some Electrolytes in Infinitcly 
Dilutc Aqueous Solutions at 25°C

*S04

HNOa

429.8 ! KOI! 271.1:
420.2 fl NIIjOH 271.0"
421.2 j NaOH 247.8

The clfecl of the nature of an electrolyte or, more precisely, the 
nature of its constituent ions will become even more prominent if we 
consider a series of ionic mobilities also corresponding to infinite 
dilution (sec Table 4.2).

As can be seen from Table 4.2. in a series of ions of equal valency 
the electrolytic mobility increases with increasing ionic radius r, 
(an exception is the higher mobility of bromide ions as compared 
with iodide ions). With equal or similar radii the mobilities of cations 
arc greater than those of anions. While the mobilities of all ions differ 
little from each other, the hydroxyl ions, and especially tho hydro
gen ions, possess abnormally high mobilities, 3 to 8 limes greater 
than those of the other ions.
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TABLE 4.2
Electrolytic Ionic Mobilities in Aqueous Solutions at Infinite 

Dilution at 25°C

g u

A

-T- s s O
H -

rj, A 1.13
01.9

0.57
G3.0

1.38
03.7

1.96
78.3

1.04
59.5

0.99
54.0

1.81
76.3 68.0

1 .05 
76.8

I

Ion F- 5 Fc** gFe3* II* HjPO; \  HPO«- K* gLa»* Li*

Jo ^
1.2.3

55.4
0.80

53.5
0.67

68.0 349.8 » -o

2.20
73.5

1.04 
Of). 5

0.08
38.7

ri, A

iM n - N - NHJ NOj OH- ipb* ‘ Hb* is o j - r, Zns*

-;4 0.08
50.1

0.74
54.0 73.7 71.4 197.6

1.26
70.0

1.49
80.0

The values of transport numbers as derivatives of ionic mobilities 
depend on the nature of the electrolyte. The hydrogen ion has (lie 
largest transport number among the cations, and the hydroxyl ion 
amonL- the anions.

When solvents other than water are used, changes are observed 
in electrical conductance, ionic mobility and, to a lesser degree, 
in transport numbers. The main properties of a solvent that deter
mine the character of variation of electrical conductance arc its 
viscosity and dielectric constant. An increase in viscosity leads to 
a decrease in conductance. This effect was formulated quantitatively 
by Pisarzhevsky and Walden and is known as the Pisarzhevsky- 
WaUlcn rule: ;_oVj =  cons, (4.49)
where /.0 =  equivalent conductance of electrolyte extrapolated to 

zero concentration 
y0 = viscosity of pure solvent.

A similar relation also exists for ionic mobilities:
A?v0 =  const (4.50)

The effect of the dielectric constant of a solvent reveals itself espe
cially noticeably in the character of variation of electrical condu
ctance with concentration, giving rise to so-called abnormal condu
ctance curves.
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4.3.2. EFFECT OF CONCENTRATION, TEMPERATURE 
AND PRESSURE ON THE CONDUCTANCE 

OF ELECTROLYTE SOLUTIONS

In aqueous (and most nonaqueous) solutions, with increasing con
centration of the solution, the specific conductance of the electroly
tes first increases, reaching a certain maximum, and then falls with 
further increase of concentration. The position of the maximum 
depends on the nature of the electrolyte and its temperature. The 
concentration dependence of conductivity for a series of e lec tro ly tes  
is shown in Fig. 4.3.

The equivalent conductance of aqueous solutions of electrolytes 
diminishes with increasing concentration (Fig. 4.4). The highest 
equivalent conductance is observed at zero concentration, when 
K  =  X0. The equivalent conductance X is often expressed as’ a fun
ction of dilution V. In this case, as would lie expected, the equiva
lent conductance is found to increase with dilution, and at high 
dilutions it approaches a certain lim iting value. This lim iting value 
is called the equivalent conductance at infinite dilution, denoted by 
the symbol (Fig. 4.5). For a given electrolyte the equivalent con
ductance at zero concentration is naturally the same as the equiva
lent conductance at infinite dilution.

Kohlrnusch found that in the region of low concentrations the 
equivalent conductance of a strong electrolyte varies with concen
tration according to the empirical equation

K ^ } . o - A V c  (4 .51)

known as the square root law (.1 is an empirical constant).
At somewhat higher concentrations of strong electrolytes a better 

agreement with experiment is furnished by the equation

K = X n - A l T c  ( 4.52)

which is known as the cubic root law. For dilute solutions of weak 
electrolytes the following equation holds true:

log Xc ----- const — y  log c (4 .53)

\\  hen one switches from water to nonaqueous solvents possessing 
a high dielectric constant, no noticeable changes in the character of 
the concentration dependence of electrical conductance are observed. 
However, in solutions with a low dielectric constant (for example, 
in a mixture of water and dioxan) the course of the equivalent condu
ctance-concentration curve typical of aqueous solutions is disturbed



Z10

Fig. 4.3. The vnrinlion of specific conductance (conductivity) with concentra
tion for some electrolytes

Fig. 4./,. The variation of equivalent conductance with concentration for some 
electrolytes:

1—hydrochloric acid; s-sodtum hydroxide;sodium sulphate; C—copper sulphate; 7—acetic acid, 8—ammonium li>droxido
8*



and extrema appear on it. Figure 4.6 shows the concentration depen
dence of the equivalent conductance typical of such solutions

(4.55)

The dependence of the specific conduct.... 
on temperature is described by Koblrauscb’s 
milar to Eq. (4.55),

i H +  o ' «  -  25) +  p' ( t -  25)*]
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Willi Ike only difference thnl the standard temperature is taken to be

25The coefficient a' depends on the nature of the electrolyte; it 
counls 0.0164 for strong acids, 0.0190 for strong bases and O.OZZU 
for salts. In the case of weak electrolytes the coefficients a  are higher 
than for strong electrolytes. The 
coefficient P' increases regularly 
with increasing a '; the relation 
between the two coefficients is 
expressed by the following empiri
cal equation;

P' =  0.0163 (a ' -  0.0174) (4.57)
It should be noted that the tem

perature coefficients of the condu
ctance of aqueous solutions and 
those of the viscosity of water arc 
close in magnitude but opposite in pjg 4 g Anomalous conductance 
sign. curve for an electrolyte in a nou-

Transport numbers vary with con- aqueous solvent
centration to a lesser degree than
the conductance of electrolytes. The variation of transport numbers 
with concentration is less pronounced than in the cose of the condu
ctance of electrolytes. Some experimental data characterizing 
the concentration dependence of transport numbers arc presented 
in Table 4.3. » It follows from this table that if the transport number

AkN0 3
CdSOj

■ 1 I ■ I 1

0.328
0.396
0.496
0.833

0.390
0.494
0.837

is larger than 0 .5 , it is found to increase further with increasing con
centration. Conversely, if t, <  0.5, it decreases still further as the

11 In a series of such compounds, at any concentration, the transport number 
of a cation increases with its radius.
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concentration increases. In concentrated solutions transport numbers 
may assume negative values, this being attributed to the formation 
of complex ions. For example, for silver cyanide in an excess of po
tassium cyanide the transport number of the Ag* ions will be negati
ve. Here silver enters into the composition of a complex anion and 
migrates to the anode when a current is passed.

A stronger effect on transport numbers (provided they are diffe
rent from 0.5) is exerted by temperature. Table 4.4 gives some expe
rimental data for several electrolytes in 0.02Ar solutions. It is seen

Temperature Dependence of Transport Numbers 
of Cations

from Table 4.4 that with increasing temperature the transport num
bers are equalized, i.c., if they exceeded 0.5 they become lower and 
conversely, transport numbers smaller Ilian 0.5 increase 

The mobility of ions is dependent on the concentration and tem
perature of the electrolyte (see Tables 4.5 and 4.0), the nature of 
tins dependence being analogous to that observed for the electrical

Concentration Dependence of Absolute tonic Mobilities___ i i-.i. ... ' •

conductance of electrolytes. A ,n,
lily of nil ions, and the higher the ionic conduct 
temperature coefficient of the ionic mobility.

ases I he mobi- 
the lower the
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Tcmpcralurc Dependence of tlie Mold Illy

Apart from temperature, the conductance of weak and strong ele
ctrolytes is also affected by the pressure experienced by the solution. 
I t  has been found, for example, that at low temperatures (up to 
20’C) Ihe conduclance of acetic acid solutions falls with increasing 
pressure. At higher temperatures the same solutions show a certain 
rise in conduclance as the pressure increases. The equivalent condu
ctance of the majority of strong electrolytes has been found to "'crea
se its I lie pressure increases from atmospheric to 50-100 kg cm- (de
pending on the nature of Ihe electrolyte). A further increase in pres
sure lowers the conductance, bringing it below those corresponding 
lo the atmospheric pressure. Experiment shows that the variation 
of the conductance of strong electrolytes with pressure obeys the same 
law that governs fluidity (which is the reciprocal of the viscosity of 
a liquid).

KA. CONDUCTOMETRY
1. CLASSICAL CONDUCTOMETRY 

The value of the electrical conductance of solutions plays a major 
part in electrochemical processes. It may be used ns a basis for ratio
nal selection of the composition of an electrolyte, thereby reducing 
the ’unproductive consumption of electrical energy lo a minimum. 
A knowledge of the conductance of solutions is needed in drawing 
up energy and heat balances for electrolytic cells and chemical sour
ces of electricity. The throwing power of galvanic baths (the ability 
of producing a uniform metal layer on areas situated at different 
distances from the anode) strongly depends on the value of condu
ctance. Data on conductance measurements are used not only in ele
ctrochemistry. Conductometry finds wide application as a method of 
chemical analysis, production control and scientific research. Condu
ctometry has a number of advantages over chemical melhods of ana
lysis since it enables determination of the content of an individual 
substance in a solution by simply measuring the conductance of the 
solution To do this, it is sufficient to have a conductaiicc-concentra-
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tion calibration curve Besides, the solution being analysed undcr- 
goes practically no change in the course of conductance measurc- 
T  ' s’ ^ h.,dl ™ kcs Possible to measure its conductance several 
limes and keep the solution in order to check the results at anv time 

Conductometric analysis is one of the most precise techniques for 
determining the solubilities of sparingly soluble substances. It is 
Dascil on the measurement of the conductance of a liquid phase in cnu- 
ltibnum with the corresponding solid substance. Knowing the mobi
lities of the ions into which a particular sparingly soluble substance 
dissociates and the conductivity of the solution, one can calculate 
its concentration by using the equation

c /,(>.»+>.») (4.58)
Since a salt is sparingly soluble, i.e., its concentration in solution 
is very small the degree of dissociation ct and the conductance coeffi
cient (sec below) may be assumed to be equal to unity, and the 
ionic mobilities in a given solution \ + and equal to those at
infinite dilution X+. and XL. If the concentration c is known it is 
easy to find the solubility of the substance. Conductometry is also 
employed to determine the equilibrium constants of chemical rea
ctions in solutions, the basicity of acids, etc.

In contrast to ordinary titration techniques, conductometric tit
ration does not require the use of indicator solutions and can be car 
ned out in coloured as well as in very dilute solutions. During titra
tion the course of the reaction is followed and the conductance of the 
solution being titrated is measured after each addition of the titra
ting reagent. Ihe end point of titration coincides with the inflection 
on the curve of conductance against the volume of solution added 
ilie change in conductance during conductometric titration is isso 
ciated with the replacement of some ions by others with a different 
ionic conductance.

Suppose we have an alkaline solution which is to be titrated with 
n” «cid. Suppose the solution taken for titration contains a e-eci 
of NaOH. Its conductance is determined by the mobilities of therr;„n,'ss s
a (Na* -i- O H -)>  x (II* +  CD) =  x ( \ a * -f Cl') -f

-  zH20 -f (a -  i)  (Na* -r Oil-) 
/Vs a result of incomplete neutralization, (a -  i)  g-eq of NaOH will 
remain in lie solution being titrated and i  g-eq of NaCl will appear 
as Na and Cl ions of mobilities 50.1 and 7G.3, respectively. Thus, 
some of the hydroxyl ions arc replaced by less mobile chloride ions 
and the conductance of the solution diminishes. This will take place
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afler the addition of each now portion of hydrochloric acid solution 
until the equivalence point is reached, at which all the OH" ions 
of the alkali will be replaced by Cl" ions. Upon further addition of 
the titrating solution (beyond the point of equivalence) the acid will 
no longer associate with the alkali. The alkali will be completely 
neutralized and free hydrogen 
ions possessing a very high mo
bility (equal to 349.8) will appear 
in the titrate along with chloride 
ions. This will lead to a sharp 
increase of conductance (Fig. 4.7).
The minimum on the conductan
ce curve is the equivalence point 
which corresponds to the condu
ctance of sodium chloride. The 
content of the base in the titrate 
can easily be calculated from the 
volume of acid used up until the xmin '  
minimum point is reached.

The example just quoted shows 
that the sensitivity of conducto
metric titration depends very 
strongly on the difference in the 
mobilities of the associated and 
appearing ions, and the greater 
this difference the higher is the 
sensitivity. In carrying out conductometric titrations one should 
take into account not only the degree of completeness of the princi
pal reaction; of great importance arc also the mobilities of ions 
that do not participate directly in the reaction.

Another feature distinguishing the conductometric titration from 
the ordinary procedure is that it yields not just a single point 
(the [mint of neutralization associated with the change of the 
colour of the solution in the case of volumetric titration with 
an indicator and coinciding with the minimum on the x vs. V curve) 
but also the full curve for the entire process of titration. On the 
basis of this curve one can get an idea not only of the course of the 
reaction but also of some properties of the substances obtained. For 
example, a sharp minimum or a distinct inflection on the conductance 
curve is evidence of the stability or low solubility of the reaction 
products. A blurred region of transition from one portion of the curve 
to another points either to hydrolysis of the salt formed or to a high 
solubility of the precipitate, or else to an insufficient stability of 
the new substance (depending on the nature of the principal reaction). 
If certain conditions arc observed, it is possible to determine condu
ctometrically two different substances present in the same solution.

Equivalence point

. .„......... Graph of conductometric
titration of an ulknlinc solution by an 

acidic solution
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An interesting feature of the conductometric method of production 
control is that changes in the system under lest take the form of 
electrical signals. Electrical pulses can be transmit ted directly to 
the actuating mechanism, which facilitates the automatic control of the 
process. The electrical conductance of a solution depends on all the 
components present and is therefore an integral properly of the system. 
A combination of conductance measurement with'determination 
of any other integral (e. g., density) or specific (e.g.. the pH value) 
property of a solution allows the system of automatic control to 
be improved. Conductometry is successfully utilized for the control 
of precipitate washout, regeneration of ion-exchange resins, water 
purification and of many other technological processes.

The conductometric method cannot however be employed for 
the determination of a single ionic species against the background of 
other electrolytes. This is because the latter possess their own condu- 
ductancc and will mask the change of conductance corresponding to 
the change in the concentration of the ionic species to be determined 
in the course of conductometric titration, which will na tura lly  redu
ce the accuracy of the method and limit the range of its applicability.

\A.2. HIGH-FREQUENCY CONDUCTOMETRY 
So-called high-frequency conductometry (high-frequency titration) 

has been gaining an ever increasing application. In this method use 
is made of alternating currents of frequencies of the order of several 
millions of hertz. With these frequencies the electrodes may be remo
ved from the solution and placed outside the cell (in which measure 
ments are made). This eliminates many difficulties involved in ordi
nary conductometry, namely, the catalytic effect ol electrodes 
the reactions taking place in solutions, the chan-e of electrode sur 
faces during the measurements, the necessil y of using eiecl rodcs made 
of noble melnls (metals resistant to the action ot' 1 -olution) etc 

In high-frequency titrations *> a measuring cell m-iue of "I iss or 
plastic and containing the solution to be tested is placed either belwe 
cn two moln,ljC plates tightly secured against the outer walls of the 
cell (a cell of the capacitive type) or inside a sell-inductio, co
(n cell or the inductive type). In high-frequenev.........................
not the conductance of the solid'
...... /  properties of the solution and
constant. The interpretation of the re 
is therefore more complicated than in 
ductoinctry.

The high-frequency technique is si 
lylical purposes and in scientific inv

■ell.
of

............ eluding the ..nn-mu,
nils obtained by this method 
the case of conventional con-

ccessfully employed for ana- 
si igal ions.

"  Such titrations were recently renamed i



CHAPTER 5 

Theoretical Interpretation of 
the Electrical Conductance of Electrolytes

5.1. CLASSICAL THEORY

The relation between specific conductance and concentration is 
expressed by a curve with a maximum (see Fig. 4.3). To account for 
the appearance of a maximum the classical theory makes use of the 
equation

x =  ac (aU -  aI)
It is presumed here that the term enclosed in parentheses is indepen
dent of the concentration, and the degree of electrolytic dissociation 
diminishes with increasing concentration. Therefore, at a definite 
concentration the product acand hence x will have the highest value.

Usanovich has shown that this explanation in fact does not agree 
with the basic principles of the classical theory of electrolytic solu
tions. It is known that the degree of dissociation of an electrolyte 
a  and its concentration c arc interrelated by the equation

K =  -— - 
whence (

From the last equation it follows that with rising concentration 
the product ac must also increase regularly because the ratio 
(1 — c.j a  will grow continuously. For this reason one cannot expect 
the appearance of an extremum on the conductivity-concentration 
(x vs. e) curve. Hence, the classical theory of conductance is unable 
to explain even qualitatively the character of the concentration 
dependence of conductivity. According to this theory, the following 
equation must hold for equivalent conductance as a function of the 
solution composition:

U =  « (>.*+ 4- >-L) =  a /.0
Upon dilution the degree of dissociation of an electrolyte increa

ses, approaching unity, and the equivalent conductance must also 
lend to a certain limit equal to a0. So the general course of the equi
valent conductance-concentration (a vs. c) curvo can be interpreted 
qualitatively from the standpoint of classical theory. From Ost-
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walil’s dilution law

K = t? 2 -

o taken into account, it follows

a; =  A'Xj-i- 

log Xc =  4" loS KK  — 4 log c (5.1)
Expression (5.1) coincides in form with the empirical equation

(4.o3), which is valid for weak electrolytes. It will however be point
less to try to obtain, using the classical theory, an equation similar 
to the Kohlrausch empirical square root law, which holds for sola 
lions of strong electrolytes. The classical theory of electrical condu
ctance based on the Arrhenius theory of electrolytic dissociation can 
explain neither the variation of transport numbers and ionic mobili
ties with concentration nor the closeness of the temperature coefli- 
cients of conductance and viscosity, nor the abnormally high mobi- 
hUes of hydrogen and hydroxyl ions. In contrast to the assumptions 
of the Arrhenius theory, electrolytic solutions cannot he regarded 
as ideal systems either in the state of equilibrium or when an electric 
current is passed through them.

5.2. INTERPRETATION OK CONDUCTANCE PHENOMENA 
TAKING INTO ACCOUNT INTERACTION FORCES

The disparity between the classical theorv e; conductance and 
experiment stems from the fact that the theorv lakes no account of 
the forces of interaction between the particles’ of a .dution in the 
first place the forces of ion-ion and also ion-solvent 'interaction 

In nonequilibrium processes, in particular during the passage 
of a current through electrolytic solutions (electrical conduction) 
ionic interaction must be of a different nature than under equilibrium 
conditions. The conductance coefficicnl /,. introduced bv Bjcrrumis a 
correction factor for interionic forces operating when a current is 
passed through electrolytic solutions. It differs from the activity 
coefficient /, which refers only to equilibrium solutions For 1 ■ 1- 
valenl electrolytes (z =  1), with the conductance coefficient (alien 
into account, Eq. (4.29) should be replaced by

U = «c/>. (A+ -r aL) (5.2)
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or
(5.3)

For solutions of weak electrolytes the conductance coefiicient /;. 
is close to unity and the conductance ratio will correspond to 
the degree of dissociation. In the case of strong electrolytes when

The value of the conductance coefficient /*. must he a function of 
concentration and can be determined by experiment. A theoretical 
calculation of /;. is based on definite conceptions of the structure of 
solutions and on the consideration of the character of changes taking 
place in solutions under the influence of an externally applied ele
ctric field.

One may use the solution model suggested by Debye and Iliickel, 
according to which each ion is surrounded by an ionic atmosphere 
with a charge opposite to that of the central ion. Since strong ele
ctrolytes are completely dissociated (a =  1), all the variations of 
equivalent conductance with concentration are caused by the change 
of (lie interaction energy. In an infinitely dilute solution, in which 
the ions arc so far apart that interaction forces can no longer opera
te between them, no ionic cloud is formed and the electrolytic solu
tion behaves like the ideal gas system. Under these conditions the 
equivalent conductance of the electrolyte will reach a limiting value 
equal to /.<> ‘h

In fact, at any electrolyte concentration different from zero, forces 
arise in the solution which hamper the movement of the ions and 
hence decrease its equivalent conductance by values /.,. each of 
which corresponds to a definite type of interaction force. On this 
basis, in place of Eq. (5.4) one can write

where is the total decrease of the equivalent conductance of the 
solution caused by all the interaction effects that take place in real 
solutions. The origin of one of these effects becomes clear if one consi
ders that under the influence of an externally applied field the central 
ion and the ionic cloud (as entities possessing charges equal in mag
nitude but opposite in sign) must move in opposite directions 
(Fig. 5.1). Since all the ions involved are hydrated, the central ion 
migrates, with a velocity »t, not in a stationary medium but in a me
dium travelling in the opposite direction with a velocity vla. The

*> Even in the absence of intorionic forces Xc and ?-o should differ from one 
another because of the change in the viscosity of a solution upon transition from 
zoro concentration to u concentration c.

=  1

(5.4)

}.c =  -  !>., (5.5)
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friclional force is known to be proportional to the velocity of move
ment of a particle; for a real solution its value is given by the equation

Mr = /ki (v, ~  vta) (5.6)
while for an ideal solution it would be equal to

Mid = fit v, (5.7)
where tk t is the coefficient of internal friction.

The decrease of conductance n. 
frictional force. If we denote by /

be proportional to the increased 
: the change of the equivalent con

ductance of a solution resulting 
from this eflect, then

- O '* 0 N O -

< )
' \  ^ 3 /

-<=>—

:a-.s

>-i =  /  (Mr -  Mid) (5.9) 
The extra frictional force asso

ciated with the existence of an 
ionic cloud and its migration in 
a direction opposite to the mo
vement of the central ion is 
known as the electrophoretic for- 
ce\ the braking effect produced 

ctric Cold by this force is termed the ele
ctrophoretic eflect.

Another retarding effect is also associated with th................. '
the ionic cloud and its influence on ionic migration. 1 
found that the buildup and decay of an ionic cloud occurs 
but finite velocity. This velocity is characterized by ii 
relaxation time xr. which may be considered as a quan!it i 
the velocity constant of the formation or decay of the i 
Relaxation time depends on the ionic strength of a «< 
viscosity and dielectric constant and is defined In lb

M
~ kT/-

' f'l'ial
(5.10)

n of soluliowhere ,k ^  coefficient of internal friclio 
k =  Boltzmann constant 
1 =absolute temperature 
Z =  Dcbyc-IIiickel length.

1-or an aqueous solution of a 1 : 1-vnlcnt clectrolvtc Eq. (5 . 10) is sim
plified and the relaxation lime can be calculated approximately 
from the equation

(5.11)
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where c is llic concentration of Ihe electrolyte. When the central 
ion is moving, a certain lime elapses before the old ionic cloud is 
broken down and a new one is built up. For this reason there is always 
some excess charge of opposite sign behind the moving central ion, 
whose drift is thus retarded by the arising electrical forces of attra
ction. This retarding elleci is called the relaxation effect. If the varia
tion of equivalent conductance due to the relaxation effect is desig
nated by /-H. the fall in conductance upon transition from zero con
centration (the ideal solution) to a concentration cwill be given bv the 
equation

Ac = >.0 -  h  -  h i  (5.12)
in which account is taken of both the electrophoretic and relaxation 
effects.

Debye and lliickcl derived theoretical formulas for a, and 
containing one empirical constant. Their calculations were later 
improved by Onsagcr, who took into consideration that ions do not 
migrate along a straight line and that the ionic cloud is a statistical 
formation. The Onsagcr equation has the following form-

Zv,zr V l ^ f c  (5.13)
where

and
B . .  2c

= l*s(c?-aS)
1 ~  OiC? T 2|Cj)

and v is the \ iscosity of the ttolvcnl.

takes the fori
s solutions of 1 
111

: 1-valciil electrolytes at 253C Eq. (4.13)

=  a0 _  (0.22". -f 50.5) l/c  (5.1/,)
s q u - u 'i 'i()l,s (/>-13) and (4.14) have the same form as the empirical 
"tnnericT i '  °f Kolllra,lscl1 1)- They enable one to predict the 
lion U ' a 1,0 of tl,e constant .1 contained in the Kohlrausch equa-

rang'.0 <.)|lsaScr formula is in accord with experimental data in the 
win, ? concentrations covered by the square root law. Agreement 
On.sa»tX*H1' l"ont ('eld'iorales with increasing concentration. The 
aPp>-ox* ctl.ual*on should be regarded as an equivalent of the first 

of the Debye-Hiickel theory for electrical conductance.

lions dooV "*)ic ro°l *a'v which is applicable in the range of moderate concentra- 
“ ooslj theor°l *°"°" hom the Onsager theory, but can be deduced from the
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It therefore yields only the limiting value of conductance at an ele
ctrolyte concentration approaching zero, i.e., the limiting tangent 
to the conductance versus concentration curve. Similarly to the 
Debyc-Huckol second approximation for equilibrium in electrolytic 
solutions, an attempt could be made to take into account the cflcct 
of the finite size of ions and introduce the parameter a into the con
ductance equations. Such attempts were made by Kaneko (1932), 
Falkenhagen (1952), Onsager and Fuoss (1955). and others. Follow
ing La Mer, Pitts (1953) also took into account the additional terms 
of the scries expansion of the exponential function (see page 66), and 
Robinson and Stokes (1955) took into consideration the variation of 
the viscosity of a solution with concentration.

The introduction of the mean ionic diameter a (an empirical con
stant) and the use of an experimental value of viscosity made it 
possible to obtain a better fit with experiment and to extend the 
range of validity of the thus modified Onsager equation to the more 
concentrated solutions. The resulting equations however were so 
complicated that they had no practical value. For example the 
Onsager-Fuoss equation

K =  lo +  D Y c  -f- Ec In c 4- Ic (5.15)
contains a logarithmic term and, in addition to the constant F. 
(determined by the same parameters as the constant li ol ilie Onsieer 
ions'1' 11 CtIUati°n)’ lhc (luanlilV which depends on l!,. size of the

For concentrated solutions use is made of e 
One of the best is the Shedlovsky formula

-. >-c + f>Vc „
Ao =  7 T 7 v r - flc (5-16)

sbie^/Vo « ^ piriMl COef,ficionl' Tl»c first term on the right-hand 
1.. . q: i 5-1(i) corrcsP°nds to the Onsager equation (5.13), which

I formulas.

may be written t
K  =  )-o — (aX b) Y~c (5.17)

I l  ," (5.18)

5.2.2. WIEN EFFECT AND THE DISI-FHSION 
OF CONDUCTANCE

ceIof1?2fn|Vr n r°Un<l tbat ‘n tlle rcgion of l,igh ficl(ls llu> conduclan- ce o a solution increases with field strength. At first it. increases
a cerUin'l i v " ’ at f,cl<l strcne llls- faster and, finally, reaches 
cu^r n ee rot, !ne,.Va l!C at Vcr>' hfch strengths. For each parli- 

rolytc this limiting value corresponds to its conductance
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ill zero concentration irrespective of the solution concentration. For 
weak electrolytes Wien observed an even more pronounced rise of 
conductance with increasing lield strength. Me established the follo
wing regularity: the lower the degree of dissociation of an electrolyte, 
the greater is the rise of its conductance, which lends to the condu
ctance .it zero concentration.

The results obtained by Wien seemed at first quite improbable. 
They contradicted the widely accepted concept of the applicability 
of Ohm's law to electrolytic solutions, indeed, by Ohm's Jaw 

Ai|> =  R I
the resistance f{ (or conductance, the reciprocal of resistance) is a con
stant for a given system and consequently the field strength must 
depend linearly on the current intensity. Hut from the experiments 
carried out by Wien it follows that at high values of Ai|- the 
resistance It is no longer constant and begins to fall with incre
asing field strength. Hence, the field strength does not increase pro
portionally to current intensity and in this case Ohm’s law ceases 
to be valid. Some scientists believed that the Wien effect was (he 
result of some secondary phenomena that had not been taken into 
account. It was supposed, for example, that the decrease of resistance 
at high lield strengths is caused by the high temperature of (he ele
ctrolyte. Hut calculations and further investigations with the aid of 
an improved technique using short-time current pulses (to rule out 
an appreciable rise of temperature) confirmed Wien's observation 
concerning the effect of the field strength on the conductance of cle-

As far as strong electrolytes are concerned, the Wien effect can be 
explained on the basis of the Debye-Onsager theory of conductance. 
According to the concepts of Debye and Hiickel each ion in a solution 
is surrounded by an ionic atmosphere of radius 1/jr. As long as the 
drift velocity of an ion is small (as compared with the rate of decay 
and buildup of the ionic cloud) the retardation effects associated 
with the ionic atmosphere are retained and the value of conductance 
at a given concentration is

K  (.’>.19)

Hut it is known that the mobility of ions does not remain constant 
with increasing field strength anil increases according to Eq. (/i.lO):

At a sufficiently high value of i|>' it may turn out Ihnl the path tra
velled by the ion while the old ionic cloud decays and a new one is 
built up, i.c., during the double relaxation lime t , ,  will be equal to
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or greater limn the radius of the ic

2Tr77  * =  2t^ 1 -' > 1;Z (.'..20)

Under these circumstances the ion goes beyond the limits of its 
ionic cloud. A new ionic cloud will have no time to form at each new 
site of the ion and hence the overall retarding effect will decrease. 
By means of Eq. (5.20) one can estimate approximately the held 
strength at which the Wien effect sets in. Using Eq. (5.10) for rela
xation time and substituting it into expression (5 20) one "els the 
following equation for the held strength being sought:

E q .^d ilM i

Thus

*' =  i  kr
2 /- — 2i? X

-univalent elcclrolvle i 
to:

<!>' =  4 x  10s \/"e

(5.21)

a 0.001.V solution of a l:l-valenl elect r.,I 
eheel comes into operation at held strengths of 
10 V/cni, and fora l.\ solution at \  1 (>■ cm

A further rise of the held strength leads to such a hi"l 
cloud will he able t.of the ic which m

cialcd retarding effects will therefore disappear. No cli in o- of ‘con
ductance cither due to the electrophoretic or to the re I •vition force 
will then 1)0 observed. In thnl case

?-i =  0, /.Ir =  0 and >.c =
The effect of the held strength on the conductance 

yles (in which the inlcrionic forces arc close to /or 
ow concentration of free ions) is probahlv associated will, a chan", 

f <>f <l1,f.oclallon ll,lller "i" influence of the applied held 
1 roceedmg from this conjecture, Onsagcr worked out —  
and quant,tat,ve theory of this phenomenon L

r  r1:;1"’r of "i— s w m ,m ,;
suit, the degree o 7 ^ < l i s s o c i a ^ o n ' I n u ^ V ^  ° f i,: ......se of It,.. ,I i l , , , . . . . 1 Hi" percent.,",
his tlienrv is in ' i con!‘' i,n' calculated by Onsagcr on the 
\Vj|ln ' B°°,I aSr"""'""l with the experimental ohserval ions ol

.'shortly after the discoverv of the Wien effect n„l>vn i i.',ii „n

of the

the

basis of
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perforin oscillatory motions in a direction parallel lo the direction 
of the electric field. The central ion has no time to go beyond its 
ionic cloud, which in turn has no time lo decay lo nny noticeable 
extent and at each given instant only oscillates in a direction oppo
site lo the movement of the central ion. In this case the forces invol
ved in the decay and formation of the ionic cloud, i.e.. the retarding 
relaxation forces, reveal themselves lo a lesser degree and the con
ductance of the solution increases. At high frequencies it reaches 
a value which differs from the conductance at infinite dilution by 
the amount /.t since the relaxation effect disappears (?.M 0) and
the retarding electrophoretic effect persists. In this case

The calculations of Debye and Falkenhagen were verified experi
mentally by Wien, who found them lo be in good agreement with 
experiment.

5.2.3. THEORETICAL INTERPRETATION 
01- TRANSPORT NUMBERS. TRUE TRANSPORT NUMBERS

The laws governing the variation of transport numbers of ions 
with concentration can be accounted for on the basis of the Debye- 
Onsager theory of electrolytic conduction. Thus, proceeding from 
this theory. Stokes derived equations which correctly express the 
experimental dependence of transport numbers on the electrolyte 
concentration. Me showed that if at infinite dilution the transport 
number of an ion, t". is equal lo 0.5. it remains constant when the 
concentration (or ionic strength) of the solution is changed. At

>  0.5 an increase in the ionic strength increases the transport 
number, i.e., I, >  <?. Conversely, when /" <C 0.5 the growth of the 
ionic strength lends lo a decrease in the transport number, and 
then /, <  I".

The temperature dependence of transport numbers however cannot 
be explained merely by Inking into account the forces of ionic inter
action; one should also reckon with the effect of ion solvation. By 
considering the phenomenon of solvation one can account for the 
increase of the mobilities and transport numbers of cations with 
increasing radius observed for a series of analogous compounds. 
As a result of solvation, the effective sizes of moving particles of 
small radius are found to increase lo a greater extent than those 
of large particles, and their movement is retarded. The fact that 
with rising temperature transport numbers tend lo a limiting value 
equal lo 0.5 should be linked with the process of dehydration, which 
intensifies with temperature and results in the levelling out of the 
effective ionic sizes. It is also easy lo understand why the temperatu
re coefficients of the electrical conductance and viscosity of water
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coincide if one lakes into account that I ho ions in solution are hydrat
ed and hence their migration is hampered by the friction bet ween 
the water molecules forming their hvdrale shells and the surrounding 
water.

Since the water moves along with the ions, the transport numbers 
evaluated, for example, from the concentration changes in the electro
de compartments, i.c.. by Hiltorf's method, do not correspond 
to their true values. Different ionic species move with different 
velocities and the number of water molecules moving together with 
them is not the same; the concentration change near the electrode 
is therefore the result of a decrease (or increase) not onlv in the num
ber of solute particles but in the number of water molecules as well. 
If ion hydration is not taken into account when calculating transport 
numbers from concentration changes, the numbers so obtained arc 
apparent (or lliltorf) numbers, and a correction must be applied 
to obtain the true transport numbers (these are also known as IVash- 
born transport numbers because Washborn was the lirst to study this 
phenomenon). The apparent t, and true 7’f transport numbers arc 
connected by the following relations (for cations and anions, res
pectively):

'/■+ =  / . - ! -  ciH ||.o (5.22)
and

T- =  /-  -  cAniijO (5.23)

where c =  initial concentration of solution
Anii.0  =  «,,(+> — nM_,. i.e.. the difference between the hvdralion 

numbers for a cation (n,,,^,) and an anion («,,<..,) in terms 
of one gram-equivalent.

In order to obtain true transport numbers from apparent ones it is 
necessary to know the hydration numbers of the ions. But their 
va ucs available at present are unreliable and cannot be used for 
calculations by means of Eqs. (5.22) and (5.23). To determine true 
transport numbers, it was suggested that, in addition to an electro- 
*Vitei i . ? *ransl,ort numbers are lo be determined), an unionized 

soluble indifferent substance be introduced into a solution Since 
its particles have no charge, this substance is supposed to be non
conducting. In this case the change of (lie electrolyte concentration 
is determine, not with respect to the solvent (water), which moves 
along with (lie ions, but to the reference substance added. This 
method was devised in the hope of obtaining true transport numbers 
and determining the difference between the hvdralion numbers of 
electrolyte ions by comparing the true numbers with apparent ones, 
llion, by making a more or less substantiated assumption as to the

l > Proposed by Nernst.— Tr.
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hydration number of a single ion. one could determine llie hydration 
numbers of other ions. But such an absolutely inerl substance is 
impossible to find. For this reason, apparent transport numbers 
are used at present, all the more so that precisely these numbers are 
of importance in determining the conditions under winch many 
electrochemical processes take place.

3.3. ANOMALIES IN ELECTRICAL CONDUCTANCE.
SOME SPECIAL CASES OF CONDUCTION

5.3.1. THE ABNORMAL MOBILITY OK HYDROGEN 
AND HYDROXYL IONS

The abnormal mobilities of hydrogen and hydroxyl ions which 
arc much higher than those of all other ions lead one to suppose 
that the movement of these ions in aqueous solutions obeys a special 
mechanism of migration. The modern theory of the abnormal mobi
lity of hydrogen and hydroxyl ions developed by Bernal and Fowler 
is an extension of the idea of the mechanism of conduction in ionic 
solutions suggested by Grolthus at the beginning of last century 
(1806). .

Since the greater part of the hydration energy of a proton is evolv
ed when it unites with the first water molecule, it is thought that 
in aqueous solutions the hydrogen ion must be present in the form 
of the hvdroxonium (or hydronium) ion H 30 +. The proton can migra
te from one water molecule to the next. These proton transfers invol
ve a certain amount of activation energy. In the absence of an exter
nal field proton jumps may occur in any direction with equal pro
bability. In the presence of an external field the probability of 
proton migration in the direction of the field increases (since the 
activation energy in this direction diminishes), and the process 
of proton movement will occur by a chain mechanism, i.c., the pio- 
ton will be passed on from one water molecule to the next and so 
on—a passing-the-prolon game:

the direction of the field
H H H II
I I  I I

II — 0  —114-0 — H =  H - 0 - f -H  — 0  —FI
+ T-

the direction of proton transfer
As follows from the scheme, the orientation of the water molecule 

after the proton has left the hydroxonium ion is unfavourable for 
the next proton jump, a circumstance that lowers the rale of proton 
transfer which otherwise would have been still higher.



Tlit. abnormal mobility of the hydroxonium ion mav be represent- 
in a similar way: * 1

tbe direction of the field
II II II II

0 - M  +  0 - = 0 - l I _ 0

Hie direction of movement of the hydroxyl ion -e-

r i die a I °n H ; rc q' ' 'r(:11 10 P“» ‘ho l-rolon away from the hvdroxvl 
radical OH in a water molecule is higher than that needed'to tear 
Ilk hydrogen jon H off the water molecule in a hvdroxoniuin ion 
so t ie probability of proton jumps and hence the velocity of move-
lons ' l v ' l rf0Xyl T f  m"S' 1,0 l0"'er i,s f '-"M'-ed with hydrogen •ons. li e unfavourable orientation of the water molecule'formed 
also adds to the spatial difficulties for the next nrolnn iumn as 
a result of which the rate of transfer of h y d ^ y l ^  V & d !

OK ■3-'i TII1: a -n'Omalous co n d u cta n ce
• NAQUEOU.S ELECTROLYTE SOLUTIONS

at * j : xm vi-ss: isr:

dependence of conductancHiere is A'0' ’ ‘,llC. c("kenlralionsolutions tri '"ore complicated than in aqueous

ikctrotjle. tetrasubst,tilted ammonium salts (so-called
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Walden salts), which a 
vents. A detailed stud; 
sislini; of a dio.\an-\va

e readily soluble in most nonaqucous sol- 
of anomalous conduction in solvents coll

ar mixture was carried out by I'noss and

Kr4akiianov also paid attention to the fact that in concentrated 
solution-; the conductance value being measured included the visco- 
silv effect Therefore lu- introduced the concept of corrected conduc
tance / cor. i.e., the value or equivalent conductance in which account 
is taken of an’increase in the viscosity v at a

ilh the \ e dilution:
n dilution c

(3-24)

(MA).

■led conductance is more sensitive to changes in (lie solution 
isilion than the ordinary value of conductance, uncorreclcd 
scosily. In a comparative study of the conductance of electro- 
in different solvents one should take into account the clTccl 
■ viscosity of the medium, 
classical'theory of conductance and the Debyc-Onsager theory 

'■suitable for interpreting the phenomena of anomalous con- 
iico. Neither can equivalent conductance-dilution curves with 
11a be obtained by considering (he solvation effect. The theory 
mialous conductance was lirsl formulated by Sakhanov in the 
[ 191,'i-lG on the basis of the concepts of electrolyte association 
manifests itself most distinctly in solvents with low dielectric 

in is and leads to the formation of complex molecular and ionic 
II.CCS. According to Sakhnnov, in addition to electrolyte mole- 
MA. concentrated solutions contain associated molecules 
which are in equilibrium with simple molecules:

xMA =  (MA)* (3-25)
Associated molecules are capable of dissociating into complex ions— 
current carriers—under the given conditions

(MA) v ^  MJ A.v (3.26)
When solutions are diluted, the equilibrium of the reaction (5.25) 
is shifted to the left. The number of complex molecules dissociating 
into ions according to Eq. (3.26) is reduced and consequently the 
conductance of the solution falls. Upon further dilution, when more 
and more electrolyte appears in the solution as simple molecules, 
their dissociation into simple ions begins to play an appreciable role 

MA =  M+ -r A ' (3-27)
and the conductance will again increase according to the law which 
usually obtains for the variation of equivalent conductance with 
dilution. If it is assumed that a solution contains molecules of diffe-
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rent degree of association and also the corresponding complex ions, 
one can then account for the still more complicated variation of 
conductance with dilution when, in addition to a minimum, a maxi
mum or several maxima and minima appear on the curve. Sukhanov 
dcduccd an equation for the dependence of /. on V which is in quali
tative agreement with the shape of the experimental anom.iloiis- 
condnctancc curves.

The concepts worked out by Snkhanov were substantially extended 
and developed in later investigations. Thus. Semenchenko (192.‘i-2'i) 
and Bjcrrum (1926-27) showed that ion pairs M+A" may form in 
concentrated solutions of electrolytes in water (and—in nonaqueoiis 
solvents with low dielectric constants—at moderate electrolyte 
concentrations as well). Ion pairs consisting of positive and negative 
ions are formed under the action of purely coulombic forces: they 
arc therefore not so strong as undissocialed electrolyte molecules. 
The bond holding the ions together however is strong enough for 
the original ions to lose their independence and display properties 
(mobility, etc.) characteristic of uncharged particles. The' appearance 
in a solution of ion pairs in addition to simple molecules must lead 
to a more rapid decrease in molar conductance with inereasiim con
centration, this fall being the more pronounced the lower the dielec
tric constant of the solvent.

The effect of the solvent nature on the dissociation (ami associati
on) of solutes and on their conductance and diffusion can be heller 
understood if the nature of the bonds existing between the particles 
of these substances in their original state, i.e.. in their “pure" form, 
is taken into account. From this point of view all «ub-t-inces may 
be divided into two extreme groups. The first group includes com
pounds with a crystal lattice built up of separate ions. I. would 
hardly be correct to use the term “electrolytic dissociation" to descri
be the behaviour of these substances during dissolution because 

>1 contain any undissociated molecules from the very outset: 
— - issociation equilibrium in the Arrhenius sense has 

■iNynng. buck substances are known as iono,,hares

they do n<

no physical i

K* +  C1-=K *C1-

C Here Um'elTecl^Vi'sol°f '1°” from lllc ori£ina* single ions, 
be first i f  a B ^ c ^ d I X i l ^  r  * dicfleclric COI'SUlU sholll(1 
d t e o a ja * , . . . ,»

in this case
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lcclric conslnnl, ion-pair formation is not very likely since the ener
gy of coulombic attraction between ions is small compared with 
the thermal energy k T h a t  is why in water all iouophores become 
strong electrolytes and arc present as independent hydrated ions. 
When nonaqneons solvents of lower dielectric constant are used, 
the equilibrium of ion association is shifted to the right. This shift 
of the equilibrium reduces the number of single ions, increases the 
probability of formation of ion pairs and of more complex ions (see 
below), lowers the conductance and gives rise to “anomalous" con
duction.

To the second group belong substances consisting of aggregates 
of molecules, i.c., of neutral uncharged particles. The formation 
of ions on dissolution of such substances and hence the conduction 
of current by these ions is possible owing to chemical interaction 
with the solvent. These substances are called ionogens (i.e.. potential 
electrolytes). Acetic acid is a typical example of on ionogen. The 
process of ion formation on dissolution of acetic acid in water, for 
example, can be described as follows:

(1) acetic acid reacts with the solvent to form a molecular complex
C II3COOII - f  H 20  =  C H jC 0 0 H -H :0

(2) the resulting molecular complex is transformed into an ion 
pair as a result of intramolecular rearrangement

CH 3C O O H -1-1,0 =  CII3COO- -HjO*

(3) the ion pair dissociates into free ions
CH 3C 0 0 - -M 20 + =  C II3COO- -r  H 30  +

The equilibrium of the last reaction is shifted, as a rule (except for 
very dilute solutions), to the left. Ionogens in aqueous solutions 
are therefore weak electrolytes and poor conductors of electricity.

According to the Fuoss-Kraus approach (1934-35), in concentrated 
solutions, besides uncharged ion pairs, there may also form triple 
ions, in which the ionic charges do not cancel

M+A" -  A- =  MA2 (3.28)
M+A" -f- M + =  M2A + (3.29)

Triple-ion formation may also be treated as the result of the asso
ciation of two ion pairs with subsequent ionization of the complexes 
formed _

M+A" +  M+A" =  (M+A")2 =  M A r +  M* ('-'•■?0)

al,d M+A" +  M+A" =  (M+A")2 =  M2A+ 4- A- (o.ol,
The concept of triple ions allows one to account for the appearand 
of a minimum on the equivalent conductance-dilution curve. Indeed
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ul l,i»h dilutions a solution contains only simple electrolyte inole- 
cnles and the corresponding simple ions. Will, increasing c'oiicenIra- 
1,on tlie equivalent conductance falls because the equilibrium bet- 
wee,, be ions and the molecules, described by Kq. (5.27) for the 
indicated dilution range, must shift to the left i c towards the 
in,dissociated molecules. As the concentration continues to'increase 
the formation of triple ions by reactions (5.30) and (5.31) becomes 
possible, and the electrical conductance will be<*in to increase as 
a result of their direct participation in the conduction of the current'.

roceeding from these considerations, Fuoss and Kraus derived an 
equation for the dependence of equivalent conductance on the electro
lyte concentration

Hie constants of Eq. (5.32) depend on the equilibrium constants 0f 
the reactions (a.2/), (5.2S) and (5.29) and in  the limitin'* values
MV<1,amfMl\ ' ° r 1UCr nCei?t )r °  conccnlrations of particles .MA. •MA; and M.A\ liquation (o.32) describes a curve will, a minimum- 
i can be shown that the concentration correspondin'* to the lowest' 
conductance value can easily be d e te r m in e d

S T r i t f u ^ ^ t t  f°rmati011 * " -» .u e s  of
lheVliXrenco(lr , 0US S0!VCn‘1 °f low “idcclric constant are used, 

"  lonophores and ionogens is not so distinct, 
r e s llpt’racillon between solvent and solute acqui- 
L t -  ces Ŝnn , m lnfUnCC’ in li(Iuid ammonia the con-nr ' ts °‘ Polnssium chloride and acclic acid (the litter bein«-
■de îiMMiTthe*cli-wrcter oC/ ale '̂ “r  f°Und,.to be close both in magnitif- 
< l lu order to iccomi^'fn/ v.aria ion "ith  concentration of the solute.
I ct nee c , rn„ „ n !l,c1appCaran?e of a maximum on the con- 

cleclrolvle solutions ii ■  ̂ °bscr\cd with concentrated nonaqucoiis
r n m . X  u i ^ X ;  .r? 1?win? Sak anov-
llie lfollowing1 reaction^ C°mp0,,nils '»a>‘ roSuU,1or’,"xamlde. 'from

•M=A+ -f MA~ = (MA)j (5.33)

.........»,„„uled ‘ nar0|kl!.°snS|,0Jf ‘ kS ki“d of bo" ' ^ T g a l  «"d unchar-
influence of such complexes on th^nr VCri.ried experimentally. The
i.< not confined lo il.p ,j . . ProPerllos of electrolvle .solutions
lie take", into °c on, l'^ ° n,ena ,of *<>»* conduction. U should also 
solutions. The formation o f cqVll.ibrium in electrolytic 
complexes must also -iIWi n. ' pa,ri\  lrlPlc ions alul uncharged 
,io„! taking p l n w ^ £  pr0CWSCS <*■«■ ’ ^
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Tims. under given conditions of temporal lire and pressure I he 
electrical condiiclancf of any system consisting of a solute and 
a solvent is governed by the following factors: (I) the nature of 
chemical bonds between the solute particles in their original stale: 
(2) the character of solvent-solute interaction; (d) the dielectric 
constant of the solvent; and (-'i) the viscosity of the solo I ion. '1 he last 
two factors are especially important in the case of inert solvents. 
As shown by Fialkov (i%.V(i(>), a linear relationship is observed 
here between the logarithm of the product of viscosity by conductan
ce and the quantity inverse to the dielectric constant of the solution. 
Me found that if the ratio of the viscosity of an electrolyte to that 
of the solvent exceeds a certain critical value, a maximum appears 
on the conductivity-concentration curve.

:>.:i.:5. T in: c o n d ix ta x c k  o f  sni.L'TioN.s 
OK SOME METALS l.\ LIQUID AMMONIA 

Curves similar to the curves of the anomalous conductance of 
electrolytes in nonaqueous organic solvents were obtained in studying 
solutions of alkali and alkali
ne-earth metals in liquid ammo- ^ -W3 
nia. On the curve of the molar 
conductance of a solution of po
tassium in liquid ammonia 
(Fig. 0.2) there is a minimum at 
a definite degree of dilution. The 
conductance then increases regu
larly with dilution, approaching 
a certain limiting value. Using 
a formal analogy between the 
anomalous conductance and the 
conductance of solutions of me
tals in liquid ammonia, one 
could make an attempt to apply 
the concepts of ion-complex for
mation to this case as well. But 
the conductance of solutions of 
metals in liquid ammonia is so 
high that (he ions (both simple 
and complex) are incapable of 
providing it. These interesting 
solutions differ considerably in 
their nature from solutions of 
electrolytes in water or in orga
nic solvents.

Liquid ammonia is a solvent resembling water in some respects. 
The intrinsic conductance of water is known to manifest itself as

Fig. 5.2. Dilution dependence of the 
molar conductance of a potassium 

solution in liquid ammonia
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a result of ils dissociation according to Hie equation

2H;0  =  H30* -f OH- (o.:W)
and its dissociation constant at ordinary temperatures is close 
to 10-> . An equilibrium similar to (5.34) is also observed in liquid 
ammonia 1

2NH3 =  NH; +  NH- (5.35)

B utthe equilibrium constant of this reaction at _:I3:C is around 
10 (according to Monoszon and Pleskov). which is many orders 
° n f  lLfa.“ lbe, dissociation constant of water. The intrinsic conduc- 

tance of liquid ammonia is therefore markedly lower than that of 
water Like water, liquid ammonia is capable of dissolving consi
derable amounts of alkali metals. For example, at —33 7:C one 
gram-atom each of lithium, sodium and potassium "dissolves in 3.7, 
to w n .l° ‘̂ m0, CS liquid ammonia, respectively. But. in contrast 

™  ;  C ISf  °" °f al.kali meUls in Bquid ammonia is not 
of r '  le n C0",'P0,Slll0n of lhe solvent and the evolution
nrocess°of Y T ," '  0nfll,« b«?sis of " ‘cse and some other data, the process of dissolution of alkali metals in liquid ammonia can be 
described by the following equation

M -f xNH0 =  IM(.\H,),1* -f. c (* _  *)XHj ,3.36)

bvH,nMaMo |)assa,sc °f a current through such solutions i, provided 
by metal ions and electrons solvated by ammonia Fqu .lion (5 36) 
accounts for the experimentally observed chan^ 0f X r  ical con-
soTvalion of hionsUtT  noar-saUlrale(l solutions the degree of solv ation of ions and electrons is negligibly small (r - -  m The 
electrons in such solutions behave as free electro^ i i  ,,mlaU d
ce°oitCmetah! ° IT mUSl T °" ly S,‘ighUy differenl from condlmtan- 
nolaLun n i l  , PCC ,C condl‘c,a»ce of a saturated solution of potassium n liquid ammonia is 0.5 x 10* ohm -i-rm -' This value

T ' “ ' “

orders lower lorn iho comliictivilv of a saturated soiutioii"of not"'"

d luU oL CU,;;1'degreCe 1  "T  S° luli°n fal,« abrupUy.' M ‘ s U B l S  
of dissociation £ n ? i „ ° ^  t '

at infinTe dUuBon iis nCC' T '^  limilin* Valuc of l n o l a ! c ^ / S n c e  
of aqueous solutions oY 'e tciriyfeV 'utleT  Yh m°‘ar COnd'|,f/ ance 
Such a high conductance m ^ ^ t S e d t
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anions (solvated electrons), for which the Grotthns chain mechanism 
of ionic migration is even more probable Ilian for protons, and also 
to the lower viscosity of liquid ammonia as compared with water. 
So the conductance of solutions of metals in liquid ammonia is 
a special case of mixed electronic and ionic conduction, the relative 
share of electronic and ionic conduction may vary within wide li
mits depending on the composition of the solution.

5 34 SOME OTHER SYSTEMS EXHIBITING 
MIXED CONDUCTION 

Solutions of metals in liquid ammonia are not the sole conductors 
exhibiting mixed conduction. This group also includes gases subject
ed to the action of either an electric discharge or radioactive radiati
on or heated to verv high temperatures. The majority of solid salts 
exhibit ionic conduction of the unipolar type, i.e., the current is 
carried by onlv one ionic species. For example, in crysla s or a silver 
halide the current is carried only by cations and hence the transport 
number of a -silver ion is unity, while that of a halide anion is equal 
to zero Conversely, in crystals of lead nitrate the transport number 
of the cation is zero and only nitrate ions are mobile in an electric 
.field. With increasing temperature, however, almost all solid salts 
show electronic conduction. They thus become conductors often 
of the semiconductor type, exhibiting mixed electronic and ionic 
conduction. For some solid compounds, say for a-Ag;b. mixed 
.conduction is observed over a wide temperature range. Typical 
!first-class conductors such as amalgams and metallic alloys (especial
ly  in molten stale) show slight ionic conduction when heavy currents 
•are passed through them, one of the alloy components being trans
ported to the cathode and the other to the anode. The phenomenon 
of current transport by ions in amalgams and alloys has been studied 
insufficiently so far.



CHAPTER 6 

Diffusion in Electrolyte Solutions

6.1. BASIC 1.AWS OF MOLECULAR DIFFUSION 

6.1.1. DERIVATION OF FIC.K'S LAWS 

Diffusion occurs as a result of I In- inhomogenoity of the system, 
i.e., when its separate parts contain either different substances or 
the same substances bnl in different concentrations (Ibis gives rise 
to a concentration gradient). The transport processes of diffusion 
can be expressed quantitatively with the aid of Kick's laws.

Suppose we have a lube of cross section f> filled with a solution 
of some substance (Fig. (i.i) the concentration of which decreases 
in the direction of the x-axis. If in this tube we mentally isolate

Fig. 6.1. The diHusic (schematic!

an elementary layer enclosed between x and x  -- dx (its thickness 
being dx and volume 9. dx). then the concentration and osmotic 
pressure will be. respectively, c and a on its left and r - dc and 

on its right. As a result, the elementary layer will be acted 
'upon (along the x-axis) by an excess force 9. d.i and each particle 
in the Inver Q dx by an excess force equal to

0 d . - x ____dn_
c.VAP.dx c.\Adi (15-1)

Under the action of osmotic pressure the particles mist move 
along the x-axis with a velocity <,» given by the equation

u ^ _____ da ^

there /k  is the coefficient of internal friction.
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Assuming that the ideal gas luws arc applicable to the solution
i question and expressing dn in terms of R T  dc. i
q. (G.2) as follows:

, IIT dc 
°’A' : — 7s~2 "d7 (G.3)

The number of particles crossing the section Q in 1ime dt is
dn --- tai}cXA dl (G.'i)

after eliminating to,
. RT dc ,,i I n -----j i l - j j d t (G.o)

Denoting I lie quantity RT,fk by A, one gels

dn - - \ a - ~ d t  (O.ti)

liquation (G.G) is known as Pick's first law. The coefficient A. 
called the diffusion coefficient, or diffusivity'K lias Hie dimensions of 
cm4•see-1 and indicates the number of pnrticles that diffuse through 
a unit cross-sectional area (I cm5) of the solution per 1 sec.

In deducing Pick's first law it was assumed (hat the concentration 
gradient docs not change with lime and is independent of the value 
of x. Pick's first law is thus applicable to the process of steady-state 
diffusion. Diffusion however docs not necessarily occur under steady 
state conditions. For example, if the left-haml portion of the tube 
contains a solid capable of dissolving in the liquid filling the lube, 
the concentration of the solution will change both in space and 
in lime. It will increase and reach a limiting value corresponding 
to the solubility of the substance, and the front of the saturated 
solution will move from left to right.

The number of particles that will enter the elementary layer dx 
during the time dt is given by

dx
The number of pnrticles that will leave the layer during the same 
time dt is

dn " [d7  +  Z7 ( d j )  dx]  dl
since the concentration gradients at the right and left boundaries 
of the layer differ by the amount (didx) (detdx) dx. Therefore the num-

i> When referred to molar quantities diffusivity will be smaller by a fncloi
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ber of particles retained in the layer dx will be

but
dn—dn' = &Q dxdt

[ i t ) , - A { j j ) t (6-7)

Equation (6.7) is the general differential equation for the process 
of diffusion and serves as a mathematical expression of Fick’s second

G.I.2. APPLICATION OF FICK’S LAWS 
TO ELECTROLYTE SOLUTIONS

Since in deriving Fick’s laws no assumptions were made as to 
the nature of the solute, these laws can equally be used to describe 
the diffusion of electrolytes. Thus, using Eq. (6.3), one can write 
for the diffusion velocities o>̂  and to. of positive and negative ions, 
respectively,

RT dc+ 
jk+c+X A dx (6.S)

According to Eq. (El 3)
,.o_
* lK X 0

Z-F 
" '  lh.No

which in combination with Eqs. (6.8) and 
of diffusing ions (6.9) yield the velocities

RTi% i dc.
Z*-F c+ dx ( 6.10)

RT<.» I de.
Z-F c_ dx (6.11)

In accordance 
positive gram-ioi

with Eqs. (6.6), (6.10), and (6.11) the number of 
ns diffusing through the cross-sectional area Q in
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lime dt is equal to
r/«+ = a>t c+Sldl =  (0.12)

ami. accordiiif;ly, tlio number of negative gram-ions

dn-~ m-cSldt -  —  d 'M ^ d t  (0.13)

I'rom expressions (•>. 12), (0.13), and (-'i.21) it follows that

A. ^  - { L k  (0.1/,)

/I T . „A. — -- (O.lf.)

where A+ and A_ are the diffusion coeflicients of calions and anions; 
these coefficients have the same dimensions as the diffusion coeffi
cient A (cm- -sec"1).

In a general case the mobilities of cations and anions are not 
equal (/." ^ a ”) and hence their diffusion coefficients are not equal 
cither (A.,. ^fcA_). Therefore, at the same concentration gradient 
positive and negative ions diffuse with different velocities. Suppose 
that there is a boundary between two solutions of hydrochloric acid 
whose concentrations are. respectively, c and c — dc\ then more 
hydrogen than chloride ions will diffuse in a certain time to the low- 
concentration side since ?.ji+ >  XJi-. As a result, an electric potenti
al gradient (a potential difference) develops between the high- and 
low-concentration sides, the dilute solution being positively charged 
in this case1). This potential difference will retard the faster hydrogen 
ions and accelerate the slower chloride ions. As the electric potential 
gradient increases both types of ions will begin to move at the same 
velocity and the diffusion of the electrolyte will occur in the same 
way as the diffusion of undissocialcd molecules. The stationary 
potential difference set up inside the solution due to the differences 
between ionic mobilities is called the diffusion potential i|\e

Thus, the diffusion of an electrolyte in solution arises as a result 
of the operation of two gradients: the concentration gradient and 
the electric potential gradient associated with the diffusion potential.
On this basis one can write for the velocities of positive and rlego live
ions:

n r li  dc> „ dip,/ 
<0+ r — TfF  ~  "d* ~~ l * ~d7 (0.1 fi)

/IT e° dc. , „ rf«pj 
‘ e_ ' dx 1 - dx (0.17)

>> In all cases the dilute solution will acquire the charge carried by the 
more mobile ion.



(B. 18)

where d^Jdx is Hie clcclric polcnlial gradient corrcspi 
diHusion polcnlial if,,. In a steady-stale diffusion proi 
ionic charges (z+ = = -) and concenlralions ( c -
vclocilics of calions and anions arc also equal, (o> ' = (,

. F <l'td_IIT dc_

c) * I lie 
.); therefore

(0.20)

Since M+ = (o., Ihe value of zFd^Jdx can be substituted into any 
one of Ihe equations for ionic velocity, for example into l-'q (0 17)- 
this subslitiition yields an expression for the velocity of the electro
lyte as a whole

0) =  _  - ‘■-‘■'j itT dc
: r w -» D '~ ~ d J  

The number of diffusing moles is equal to 
dn = uQcdl

and. consequently.

-rxT— /fr — a,.„

(0.2:;)

(0 .21)

represents the total diHusion coefficient of the electrolyte
Combining the equation of the total diffusion coefficient of the 

electrolyte, \ cl„ with the formulas for the diffusion coefficients of 
positive and negative ions, A+ and A_, one can express the diffusion 
cocflicicnl of the electrolyte in terms of the diffusivilies of its con- 
sLiluenl ions. For binary electrolytes

r for ; type of electrolyte

(6.215)
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For practical calculations of the diffusivily of ail ionic species I, 
A(, the following formulas can be used:

A, - 8.9C x I0'l07- 4̂ - • cm1-sec'1 (6.27)

or

A/ - = 7.74 x \Q~hT . c:mI-day"1 (6.28)

The diffusion coefficients of some ions i 
(6.27) are presented in Table 6.1.

it 25°C calculated by Fq.

The Diffusion Coefficients of Some Individual

The diffusion coefficient of a 1 : 1-valent electrolyte can be con
veniently calculated from the formula

Ar),-= 0.154 T, cm5-day"1 ((5.29)

The Diffusion Coefficients of 1 : l-valcnl 
Electrolytes at I8°C
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obtained from Eq. (6.24) by substituting the numerical values of 
the constant quantities and using the day (24 hours) as (he time unit.

The diffusion coefficients of 1 : 1-valenl electrolytes calculated 
from Eq. (6.29) and the respective experimental values arc given 
in Table G.2. It was assumed in calculations that the degree of 
dissociation of the electrolytes is unity. The agreement between 
the theoretical and experimental values is fairly good; an exception 
is acetic acid because of its low degree of dissociation.

6.2. ION-ION INTERACTION DURING THE DIFFUSION 
OF ELECTROLYTES 

The values of diffusion coefficients given above refer to infinitolv 
dilute solutions of electrolytes and are thus “ideal” coefficients of 
diffusion. Flic experimental values of diffusion coefficients do not 
remain constant as the concentration changes and decrease with 
increasing concentration, as a rule. Data on the concentration de
pendence of A,.(, for some electrolytes are listed in Table 6.3. For

TABLE C.3
The Concentration Dependence of Diffusion Coefficients at 255C

nm,...on cocrficknu a l a CO,,central Ion or. • „.. ventElu trnl)U
o.mu o.ous 05 o.l 1 ■ ,.o | «.«

MCI _ _ 3.073 3.050 | i v ,  !LiCI 1.345 1.312 1.280CnCL t 1.179 I.t2l(NHdjSOj
ZnSOj
LaClj

1.527 
u.849 
1.244

0.748
1.175 UU5 E

0.802 0.&2S uadi 1.135

most electrolytes the variation of the diffusion coefficient Ae„ with 
concentration is expressed by a curve with a minimum.

The concentration dependence of the diffusion coefficient of an 
electrolyte is attributed to the forces of interaction between diffusing 
tons, the hydration phenomena taking place in the electrolyte and 

te increase (or decrease) of the viscosity of the solution. None of 
these effects were taken into account in the Nentsi theory of electro- 

0 diffusion on which all the above equations are based.
In considering the effect of inlcrionic forces on the diffusion of 

electrolytes one should lake into account the specific nature of the 
diffusion process. Diffusion differs from electrical conduction 
in that positive and negative ions move in the same direction, whereas 
under the effect of a current they move in opposite directions. Fur
thermore, when a steady slate is reached all the ions of an electrolyte 
diffuse at the same velocity, while under the influence of an electric
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current they move independently of one another with different 
velocities. In view of this, the electrophoretic and relaxation forces 
associated with the ionic cloud reveal themselves during the diffu
sion of electrolytes differently than in the case of electrical conducti
on In a solution at equilibrium all the ions arc in a stale of random 
motion in which the central ion and the ions belonging to the ionic 
cloud mav move either in the same or in opposite directions. If 
diffusion is regarded as a process associated with slight deviations 
from the equilibrium stale, then, in contrast to the Nernst theory, 
the difference of real chemical potentials, rather than the drop of 
osmotic pressure, should be looked upon as one of its driving forces. 
\non.er force is identified, as in the Nernst theory, with the electric 
field set up during the movement of oppositely charged ions migrat
ing with different initial velocities. The need to use real chemical 
potentials calls for introducing the activity coefficients of electrolyte 
ions into the diffusion equations. The diffusion coefficient A for 
a real solution is related to the Nernst diffusion coefficient A as 
follows

A =  A ° ( H - ^ )  (6-30)

I'nu d ion (6.30) agrees satisfactorily with experiment for dilute 
solid ions, especially for electrolytes of low valency Its agreement 
with experimental data becomes worse in the case of stronger solu
tions and polyvalent electrolytes. The best fit between theory and 
experiment can be obtained if the following factors are taken into 
accoui'i ■ (1) the modified electrophoretic and relaxation efTects: 
(21 tli- transport of water molecules by diffusing ions; (3) the move
ment of water molecules in the direction opposite to diffusion; 
and ('il the variation of viscosity with concentration.

The difference between the process of diffusion, on the one hand, 
and electrical conduction and the equilibrium state of electrolytes, 
on the other, must lie in the character of the ion-ion interaction. 
It would therefore be wrong to use the activity coefficient /  or tlio 
conductance coefficient />. as a correction factor in considering diffu
sion. In this case it is necessary to introduce a special coefficient /,;. 
which would lake into account the forces of ionic interaction speci
fically. for the process of diffusion. rJ his coefficient may be termed 
the interaction diffusion coefficient. It can be determined from the

Cq,,i" i0n A =  A"/„ (6-31)
In computing the value of f d one should reckon will> 
nature of diffusion processes. As already noted, during the diffusion 
of electrolyte solutions the ions move in a single common direction 
and acquire the same velocity when steady-state diffusion sets in. 
Thus the motion of oppositely charged ions largely loses its specific
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naluru, which is inherent in ll.em in an equilibrium solution and
hv Um,I,!nns"lrC!l CUrre,,t is >,aSS,‘d lllrouBh »■ The looby lhe ions of llieir ability to move independently is to a cerlain
o?8in.weq'n.V °nt l° lhe f°rmalion «f i0" P«i« or larger clusters 

pii - "r l?n‘pa,.r C0I1CCP1 is usually used in considering the 
properl es of electrolytes in lhe region of high concentrations. It 
Vi’our'nf ê nel!ill0| 1 '*■ rCg‘0nc°f <lilulc solutions, for which the belia- 
n T  , , el?Cl,,0lytCS ,s satisfactorily described on the basis of the 
of oleVirnluC T CCpls of Ll.lc ,onic clo,ld- In the case of the diffusion 

m* hT Ver’ Wbcn thc cenlral io,‘ a,1(1 lhc ionio cloud 
ho ron?e l Same d,.rc,ellon' ll»  central ion-ionic cloud system mnv

Uie'cenlral'ion*111 " '!arlic'e sUualC(i a“ >“' indicated d is tan t from 
I C, 'n!r ‘ , V1"e al0ng wilh il in the direction of diffusion
oHe; ,l a Cll,a^ . ? P|,°Slle !" sig" and equal in magnitude lo t u  charge carried by thc central ion. V. Kiryanov (10(511 examined 

the concentration dependence of the diffusion coefficient using the
oAhr  CCrU,in si'applications the basic equation obtained by him can be pul down in the form:

A =  A0 (1 — A V c + he) (6.32)
where c =  molar concentration
A and B =  complex coefficients, both dependent o i Hie ionic 

^ l 'rgL' n llK' ‘I'c'eclric constant and tempcrai me of the 
i^n lair an< B' aS° °" lllC inl«rionic distance in the 

Though C B  has not been tested quantitatively it neverthe- 
io?fr,ci m wMI,r? C,' y |I1C character of variation Of'the diffusion coemcicnt with concentration and helps lo obtain i \ vs c curve 
coinciding in form with the experimental graph

0.3. T1IE DIFFUSION POTENTIAL

0.3.1. THE THERMODYNAMIC TREATMENT 
OF DIFFUSION POTENTIALS 

The diffusion potential arises when the ionic mobilities ire not 
equal and there is a concentration gradient. Il cannot be regarded 
n> a., equilibrium potential, though ils value mav remain mialtercd 
for a long time under the conditions of steady-stale diffusion Like 
I l i l n 'T "  pr0CCfs ilsclf- l'*c diffusion potential is associated with 
U , e ; £ l S m ! ^ J r0"' Ule C(l',ilil)ril"11 slatc a“" can be treated 

Consider the most general case when two solutions I and II of 
different composition and concentration arc in contact (Fig. 6.2).
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The I wo solutions lire separated by a layer (an inlerpliase region) 
of transitional composition and concentration. It is in this inlerpliase 
region that the diffusion potential is localized. Neither the structure 
of the inlerpliase region, nor the law by which its composition and 
concentration change are known. It may however he slated that, 
if we mentally isolate in this region an elementary layer or thickness 
dx extending from AA to BB and 
assume that on the left of A A the 
activities of solution particles are 

a, and ah, then on the right 
of BB the activities will differ 
from these values by infinitesimal 
amounts. When one faradny of ele
ctricity is transported, irreversibly 
and isolhcrmally. through the iso
lated system, its composition will 
change, and so will its free energy.
We will denote this free-euergy 
change by dG and express it in 
terms of chemical potentials:

Since

then

If the 
ried b' 
then li 
of the

dG = Inti f/u, 

r/iij — RTd In a,

-- R T Zm,d In a, (0-33) 
action of the current car- 
i given ionic species is I,. 
ratio t,:z, will be equal to 
ansported substance:

the number of gram-molecules

ni, -= -r-
from which and according to Eq. (0.33)

d r ;-  RT2 ± d  In (I, (0.34)

At I tie same time the free-energy change here corresponds to oleclri- 

Cal " ° ,k dG =  -  Fd^j (0.33)
where if, is the diffusion potential. Hcplacing dG in Eq. (I).34) bv 
its value from Eq. (0.35) and solving the resulting equation for 
ta- one can obtain, upon integration, the following general cxpressi- 
on for I he diffusion potential between the solutions I and II:

-  - ,Jr  \  z — rfl,in'
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in I*' i'l thermo-
l-quaUmi (G.36) contains individual ionii 

'jot thermodynamically measurable, and an 
dynamic determination of diffusion potential,
Hie values of i|!rf can be calculated if certain assumnlif l
chataM110 Srlr,!CUlr<i °f L.I,C " ,lcrPhase region (difr„.sion hav.-r.'"the 
tharacler of changes in ionic activities and ionic mobilities there 

W"s|l‘rsl ■solve<1 by Planck in 18-10. who assumed: 
firstly, that ionic mobilities are independent of concentration and 
Ihe properties of lb 1 ci I ltrt> , c|, , ' . ^
from solution I to solution II and secondly that H e ions diffuse 
within a strictly limited space on either side’of which are solutions 
I ''ni ll whose concentrations remain constant This occurs when

t  i>;""iw :
I he a . ‘ ‘ , glass ^ ‘aphragm. It should he noted that si„Ce
Nh ann̂  ic\lbleCl0on?hnVV1IS ? k"?,Wn al lhc linlL‘- lll<- Planck Iheorv is applicable to the case when the activities and concentrations are 
equal (a, =  c(). On the basis of these assumptions one can obtain 
the following equation for the diffusion potential'

,h RT i *-W =~ y  111 s
where |  is a certain transcendental funclio 
the relation

CI-37)
found from

i Inco . _  (l,;iS)

‘siimed Vn "S dm oi^h  made b* 1,):.nck. Henderson

sum (1 -  i T l l  I ' ’ PT l CiU1 fberefore be expressed as the 

unity S|,,,Clh aCri°n °f H P  IL Tba valu^of‘x'v^les0^*n"li-o  to 

re. ponds the following equation for the diffusion potential:

— =— 7- In (*>•39)
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Here again the single prime stands for solnlion I and the double 
prime for solution II. When suhslituling the valencies z, into Eq. 
((>.30). one should lake (hem with (he sign of I he particular ion.

Apart from the above two methods for calculating diffusion or 
liquid junction potentials, other methods were also proposed: (In
most effective, however, is the method developed by Henderson.

Equations (6.38) and (0.39) are not used, as a rule, because they 
are cumbersome in their general form. Besides, simple special cases 
ant more important in practice. Two such cuses are discussed below.

1. Two solutions of one and the same electrolyte MA but of diffe
rent concentrations, c’ and c". Tor this special case the Planck and 
Henderson equations simplify to

Substituting the activities for the concentrations, one can apply 
Eq. (0.40) to concentrated solutions. In this case

ln~ir (6 /,1>

where the ionic mobilities and >.+ must correspond to the ionic 
activities in solutions I and II.

2. Solutions of two dissimilar electrolytes with a common ion 
(for example, M'A and M'A), the concentrations of the electrolytes 
being equal, c' =  c .  For this case the Planck and Henderson equati
ons reduce to the form

t II i (6.42)

into account that XJ -j- Xf =  Xo, one can write, in place
(6.42):

*d= - ^ l n | - (6.43)

0.3.3. EX I’Ell I MENTAL DATA ON DIFFUSION 
POTENTIALS

Some values of diffusion potentials, both experimental and cal
culated by Eq. (0.43), are given in Table 6.4. The highest diffusion 
potentials are observed in those cases when one of the solutions used 
is an acid, because the mobility of the hydrogen ions present in 
acidic solutions (e.g. in a solution of hydrogen chloride) exceeds 
the mobilities of all other ions. It can be seen from Table (5.4 that 
the disparity between the experimental and calculated values of 
diffusion potential, though not great, reaches several millivolts,
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Comparison of Kxpmmcntal and Calculated Values 
of DiiTusion Potential

Uoundary
mV

rX|irriincnt.ll I imIcii] ;t Ini

IlCl-KCI 0 1 1■>s
UCI-KCl
HCI-SaCl
IlCl-.NaU

oju

IICl-UCI 
IICI-UCI 
NaCI — MCI 
KCI -  MCI u.oi

in in
exceeding permissible experimental errors. For Ibis reason il is nol 
recommended lo use Kqs. (G.40) and (li.43) or llie general equation 
(6.3‘J) for accurate calculations of diffusion potentials.

Methods have been proposed for diminishing I ho diffusion potenti
al at the boundary between two different solutions and thereby reduc
ing the error introduced by il into the emf measured. One of these 
is the salt bridge method. Il consists in interposing between two 
solutions a concentrated solution of an electrolyte with nearly equal 
cationic and anionic mobilities. In this case one liquid junction 
is replaced by two; the diffusion potential at each junction (or boun
dary) is smaller than at the original boundary. .Moreover, the diffu
sion potentials at the two boundaries are often opposed '.i sjgn ;iS 
a result of which the total diffusion potential is rcdue. il |ji* SIK.|i 
salt bridges use is made of saturated solutions of potassium chloride 
or ammonium nitrate whose cationic and anionic mohiliiies ire 
nearly equal (sec Table 4.2). Since diffusion potentials cannot be 
completely eliminated by this method, in measurements requiring 
high accuracy systems are constructed in which there is no interface 
(and thus no diffusion potential) between two different solutions.

The absolute value of diffusion potentials (Table G.4) is small 
and does nol exceed several lens of millivolts. That is why. in indu
strial electrochemistry diffusion potentials, as a rule, are ignored. 
True, measures are taken occasionally, for example, in the industrial 
electrolysis of water, to reduce diffusion potentials in order to cut 
down power consumption.

There arc grounds for believing that diffusion potentials, along 
with membrane potentials, which are the domain of colloid chemistry" 
play an important part in the vital activity of animals and plants.



PART THREE 

Electrode Equilibrium

CHAPTER 7 
Equilibrium Electrode Potentials

7.1. THERMODYNAMIC EXPRESSION 
FOR EQUILIBRIUM ELECTRODE POTENTIAL 

Suppose! tlie following reaction proceeds reversibly and isolher- 
mally in an electrochemical system:

v.\A vnB . . .  v,.L v„M ' . . .  ± Q

Al constant pressure the change of the free energy G in this reaction 
corresponds to the electrical energy of the system:

- A Gr , =  zFEr .
and the reversible emf of the system will he defined as

At the same time, according to K<|. (I.-W).
\G  =  2u,v,

where v, is the stoichiometric number for the component possessing 
the chemical potential p(; here, all tile values of v, arc taken as
negative for the reactants and as 
Since, according to I\q. (2.27).

positive for the reactioni product.'

«i ^  |i? -r  RT  In a,
then, in place of (l.« ). one can write

AC =  Su?v, -:- RT  -V; 111 (tj
or. taking into acronnl the sign;' before v,.

A G ,,  SpVv, RT In (7.2)



where a positive value is assigned to all the stoichiometric numbers 
v, contained in the logarithmic term. If the activities of all the 
substances participating in the reaction are equal to unity, i.c., 
if for any of them a, =  1, or if a, ^=1 but
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AG =  AC" =  Zpjv, =  RT In K
where AG° =  standard change of the free energy

K =  equilibrium constant of the chemical 
question at definite temperature and pro: 

The quantities AC and K have the same meaning lie 
familiar equation of the chemical reaction isotherm

re as in the

AG = RT In K -r RT In na)'i (7.3)
On the basis of Eqs. (7.1) and (7.2) one can write:

r  RT . ,, IIT , u ' i ... — r ^ - h i A - — h i-h —£̂------ (7./,)

From Eq. (7.4) it follows that, at a, =  1 for each con 
also when the logarithmic expression in the second t 
right-hand side of the equation is equal to unity.

lpononl and 
erm on the

£ = - - l n / f (7.5)
This value of the cmf corresponding to the equilibrii 
of a current-producing electrochemical reaction is dci 
and is called the standard emj of an electrochemical sys 
thus, the emf of any equilibrium electrochemical syston 
on of the standard cmf and of tile activities of the pai 
the electrochemical reaction and is given by the cquatioi

im constant 
mled by £° 
tern, or cell.

F = / r o _ ^ I _ | r, “LLaMM (7.0)

or, in the decimal system,

S - C  +  2.303 nTp l0g aAAaDB--- 
aLLflM* * * *

(7.7)

K*10 °f lr C l,rclo8»rill*mic factor in Eq. (7.7) as well as in
*q- 1 • ) is a linear function of temperature. For any temperature
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T il cun lie found from the formula
0.000198 j  ^

Some values of llic factor 2.30?,RVF (which will further he denoted 
as b") in Kq. (7.7) are presented in Table 7.1 for temperatures ranging 
from —50 to r I50C.

TABLE 7.1
Values of the Factor =  2.303 R T / f  for Different Temperatures "

At room temperature (18-22°C) the value of b° may he taken as 
O.OG V with sufficient accuracy.

Kqiialions (7.4) and (7.6) lack certainty in the sense that it is 
not always possible to establish which of the participants of the 
reaction are the reactants and which the resultants. Therefore, unless 
some additional conditions are introduced, the emf’s may turn out 
to be of opposite sign for one and the same electrochemical system. 
Such additional conditions have been worked out and recommended 
for general use by the International Union of Pure and Applied 
Chemistry (IUPAC); their significance will become clearer after 
the concept of “single electrode potential", or “electrode potential", 
is ini rodneed.

One of the basic features of an electrochemical system is the 
spatial separation of the participants of the reaction taking place 
in it. Thus the overall current-producing reaction consists of two 
partial reactions, each occurring at the respective electrode. Accor
dingly, the cmf of an electrochemical system, which reflects the 
change of its chemical energy in the course of the overall reaction, 
must also represent the sum of two electrode potentials. I'.nch of 
these corresponds to the change of the chemical energy during the 
respective electrode reaction. Thus

E = e, e2 (7.9)
where e, and e2 are the electrode potentials.
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Suppose tlial I lie following rend ions proceed at 1 lie first and Die 
second electrode, respectively:

vaA -- .. .  = £ vl L (7.10)
VbB-t . . .  ^fv,,M (7.11)

Then, in place of liq. (7.7), one can write

where

£ = e, -  e2  ̂fM- — log e° -l —  |0g ̂ 1L_ 

and ej arc standard electrode potentials, their s

(7,12)

ej -i- e? = (7.13)
I-rom Lqs. (l.i) and (M2) it follows that the equation for the 

electrode potential has the same form as the general thermodynamic 
equation for the emf of an electrochemical system-

— ln-

wilh the only difference that it includes the activities of the sub
stances taking part in the respective electrode reaction. The standard 
electrode potential corresponds to the potential of a reversible 
electrode when the activity of each of the participants of the electro
de reaction is equal to unity, i.e.. a, =  1, or when a, | 1)u, ,|le 
product of the activities of all the participants is equal to unity.

hxpcrimculully, one can determine only the value u! /•' or I? 
i.e., only the sum of electrode potentials e, and c-, or rj and e°. 
but not the potential of each electrode separately. The quantities 
r  “n/4 ,1? "|.ny .b.c Rivt'“ vnlllcs provided that their stun satisfies 
Iiq. (7.J). lo eliminate the uncertainly of e values some additional 
condition should lie introduced.

I his additional condition usually consists in selecting i reference 
electrode, whose potential is taken to be equal lo zero, all other ele
ctrode potentials being referred to it. In this case electrode potentials 
are expressed on an arbitrary or relative scale, their values depending 
on the nature of the adopted reference electrode. Nernsl proposed as 
the arbitrary zero, the potential of a hydrogen electrode at a unit 
hydrogen ion concentration and a hydrogen gas pressure of 1 atm. This 
arbitrary scale is called the hydrogen scale. Another idea, suggested by 
Uslwald. is to use. as the reference potential for the arbitrary scale, 
the potential of a mercury electrode under conditions in which its 
charge will, respect to the solution is zero. Assuming that in this
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case nol only the charge Inil also the potential of the mercury ele
ctrode is equal to zero, Ostwald named his scale the absolute potential 
scale. At present the arbitrary hydrogen scale is mainly used, in 
which the potential of the standard hydrogen electrode (SHE) is 
chosen as the zero at all temperatures, it differs from the Nernsl 
hydrogen scale in that unit activity and unit fugacity are chosen 
in place of unit concentration and unit pressure. Thus, electrode 
potentials can he determined on the hydrogen scale at all temperatu
res. Their direct comparison is impossible however since the 
hydrogen electrode potential may vary with temperature, i.e.. the 
arbitrary zero will nol he the same at different temperatures.

In certain cases, for example, in polarography. electrode potentials 
are referred to a normal calomel electrode; they can however be 
readily converted to hydrogen scale units.

7.2. INTERNATIONAL CONVENTION 
FOR ELECTROMOTIVE FORCE AND ELECTRODE 

POTENTIALS
The adoption of the hydrogen scale made it possible to assign defi

nite numerical values to the potentials of the various electrodes 
and to compare them. It did nol however eliminate the iinccrlainty 
associated with the use of the equations for electrode potentials (7.7) 
and (7. M) and with the resolution of the question which substances 
should be regarded as the reactants and which as the reaction pro
ducts. This uncertainty once led to a parodoxical situation where 
America and Europe used opposite signs for electrode potentials 
(though their absolute values were identical, of course). To unify 
the sign system for electrode potentials, the IUPAC agreed at Stock
holm in I>153 to adopt the European sign convention for general use 
in all countries of the world. The adoption of the convention for the 
signs or electrode potentials is associated with the introduction 
of definite rules for writing the constituents of an electrochemical 
system, or cell, the overall electrochemical reaction and partial 
electrode reactions. At present, any electrochemical system is written 
ns follows: (1) the material of one of the two electrodes in the cell: 
(2) the solution in contact with it; (3) the solution in contact with 
the other electrode: and (4) the material of the latter electrode. 
In this notation the electrodes arc separated from the adjoining 
solutions by a single bar. and two different solutions either by a 
double bar indicating that the diffusion potential (liquid junction 
potential) has been completely eliminated or by a dashed line if 
it persists. If an electrode or a solution contains two or several 
different substances, the latterareseparuled by a comma (or commas).

For example, the notation
Pt. II=/HCI//CnSOt/Cu (7.15)
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corresponds to an electrochemical system, or cell, consisting of 
a hydrogen electrode immersed in a solution of hydrochloric acid 
and a metallic copper plate dipped into a solution of copper sulphate; 
the diffusion potential at the boundary between the two solutions 
in this cell has been completely eliminated. The hydrogen electrode 
is a metal plate (usually, with a sufficiently developed surface) 
in contact with hydrogen gas and immersed in a solution containing 
hydrogen ions. Instead of the substances in solutions, one may write 
only the potential-determining ions. The cell (7.15) mav be written 
thus:

Pi, M;TI 5','Cu2 \'Cu (7. Hi)
since the potential of the electrode on the left depends on the hydro
gen ion concentration, and the potential of the right-hand electrode 
on the concentration of cupric ions.

The electromotive force (emf) of a cell is equal to the potential 
of the electrode on the right provided that the potential of the electro
de on the left is zero. The electrode potential is the emf of a cell 
with a given electrode on the right and an SMIO on the left. The 
diffusion potential must be eliminated. The emf and the electrode 
potential are therefore determined by one and the same equation: 

£ = er - e ,  =  e,[ (7.17)
in which r stands for the electrode on the right and / l\ 
left provided that when determining the electrode poll 
electrode is a standard hydrogen electrode; the subsen 
that tile electrode potential is expressed on the liydioi 
cell emf is considered positive when the electric current 
lysis circuit flows from left to right, and negative win 
flows in the opposite direction. Kqiialion (7.17) dc 
of a cell as the difference between two electrode pole 
which is expressed on the same conventional hydrogen 
ons (7.9) and (7.17) yield the same result if

or that on the 
cnlial the left 
;d II signifies 
gen scale. The 
in the eleclro- 
ii the current 
lines the emf 
nlials each of

Suppose we are to measure the potential of a zinc electrode using 
the hydrogen scale. In order to obtain for the zinc electrode the sign 
of its potential conforming to the International convention, the 
electrochemical system should be written thus:

Pi, 11,/IW/ZirVZn (7.18)

Since tho cell emf is equal in magnitude and identical in sign with 
the potential of the metallic conductor on the right, the potential 
of the metallic conductor on the left is taken to be zero. The reaction
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proceeding in this cell is written ;is follows 
If, +  Zn!t =  2 I f  -F Zn

If I lie electrode on Hie left is a standard hydrogen electrode, then 
the cell emf will he equal to the zinc electrode potential. 'I he reaction 
corresponding to tho potential of the zinc electrode must therefore 
be written as

and the zinc electrode represented as 
Zn2,/Zn

Onlv when the reaction is written in this way, i.c., when the zinc 
ions are regarded as reactants, and the metallic zinc as the product 
or the reaction, will the application of formula (7.14) yield the sign 
of the zinc electrode potential in accord with the International 
convention It is known from experiment that in the cell (7.18) 
positive electricity flows from right to left and hence the emf as 
well as the zinc electrode potential equal to it will be a negative 
quantity ». If one writes, in place of (7.18),

Zn/Zn2+//II VII,, PI

the flow

e<IThe p< 

the bar

,f the current will he reversed, i.c., it will How from left 
and the cell emf will be positive; this however is no longer 
ihe zinc electrode potential.
In itia l of a half-cell corresponds to the definition of the 
potential if it is written so that the substances in solution 
i oil the left, and the electrode material on the right of

hV
Cl-/Cl.. Pt 

Fo3VPl 
the left i:The oilier half-cell placed on the left is here taken to be a standard 

hydrogen electrode. Heactions giving rise to an electrode potential 
should be written so that the oxidized forms (reactants) are on the 
left-hand side of the equation and tile reduced forms (resultants) 
on the right-hand side:

Zn3+-i 2c - Zn

Cl-i c u -1

I'c34- ~  e =  Fe2'

■> This implies Hint measures linve been taken to eliminate the diffusion 
potential (liquid junction potential) and so it is not included in the cell ernt.
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llic recommendations of the Stockholm convention were llu 
subject of discussion at the 17th session of the International Commit 
tec of Electrochemical Thermodynamics and Kinetics (CITCK, Japan 
19GG). The nomenclature panel of the Committee suggested that (hr 
use of the terms “electromotive force" and “potential” should b( 
limited and the term “voltage” used on a wider scale retaining the 
word “potential” only in such combinations as “electrical (electro
static) potential" and “chemical potential". It was recommended 
to replace the term “electrode potential” by “electrode voltage” and 
to use the concept of “electromotive force", which is equivalent to 
“chemical potential of an electrochemical cell, or system", only 
in connection with free energy change occurring in the course of 
a reversible electrochemical reaction, and to deline it with the aid 
of the equation

As to the quantity measured experimentally it was recommended 
to use the term “the voltage of a system (cell)” or ‘l lie electrical vol
tage of a system (cell)” and to designate it by the letter V. The 
quantity U is defined as the difference between the inner potentials 
(see page 211) of two identical conductors connected to the electrodes 
of an electrochemical cell. Tile cell notation is the reversed notation 
used for defining the emf. For example, the cell (7.IS. is constituted 
thus:

Cu'/Zn/Zn2 *//I I+/H2, Pl/Cu

and the voltage across the cell is measured as the di n ronce between 
the inner potentials in I he conductors Cu' and ()u. !! the cell is in 
electrochemical equilibrium, then from the definition of the emf 
and voltage it follows that

E +  Ur =  0 

■oversiblc voltage across

f , =  - E  = AC

Similar definitions are proposed for the electrode voltage When 
{,,s P««ed through a cell, the voltage must always he equal 

to U .but the emf (E = -  (Jr) is pegged specifically to the cquilibri- 
um stale and is not a function of current intensity.

Ihe suggestions made by the Nomenclature Commission have not 
yet gained universal recognition and therefore further in this book 
electrode equilibrium will he treated in accord with the Stockholm 
convention.



Ch. 7. Equilibrium Electrode Potentials

7.3. CLASSIFICATION OF ELECTRODES 

As follows from Kq. (7.14)

e =  e° -! - j  'n  — ------

the potential of anv electrode at a given temperature and pressure 
is determined by the magnitude of the standard potential e° and 
the activities of the substances taking part in the electrode reaction. 
The standard potential is a constant which is specific for each electro
de while the activities of the reacting species may be different, 
depending on the concentration of the reaction medium. The effect 
of the activities of the species involved on the electrode potential 
is directly associated with the nature of the electrode reaction, and 
this relationship lies at the basis of the classification of electrodes. 
It is customary to distinguish electrodes of the first or second kind, 
gas. redox, and some special types of electrodes.

7.3.1. ELECTRODES OF THE FIRST KIND 

Metal electrodes of the first kind can be represented schematically

M-'VM
and non-metal ones (metalloids) as 

Me' "/'Me
The electrode reaction is written accordingly 

M-'* r  sc =  M 

°' Me -  ze = Me;-
Substiluting the activities of the species involved in the electrode 
reaction into the general equation of electrode potential (t.Vt) yields:

for a metal electrode of the first kind and

(7.10)

(7.20)

for a non-metal electrode of the first kind. Considering that the 
activity of a pure solid at a given temperature is constant and assum- 
ing il to hi? equal to unity, expressions (7.19) and (/.20) can be simpli-
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, - r - l o g V

(7.22)

11 be seen from I£qs. (7.21) ami (7.22) lhal llie potential of an 
electrode of the first kind depends on the activity of only one ionic 
species. The ions that govern the magnitude of electrode potential 
arc called potential-determining ions. In the case of metal electrodes 
of the first kind the cations of the metal, and with non-metal electro
des the anions of Ihc non-metal play the part of potential-determin
ing ions. A silver plate immersed in a solution of silver nitrate, or 
a copper plate dipped in a solution of copper sulphate are typical 
examples of metal electrodes of the first kind. A silver electrode of 
the first kind is represented ns

AgVAg
with the electrode reaction

Ag+ +  e =  Ag 
and the electrode potential

eARVAS — ®AB+/Ag +  b° log aAKr (7.23)
After substituting the numerical values of e° and b° at 2.VC! one has

eAg-/Ac = +  0.799 +  0.0592 log aA?+ (7.24)
For a copper electrode of the first kind we have, accordinql

Cu2\'Cu

and
Cu2+ +  2e =  Cu

or, at 25°C,

,_.o , f ,  
1. - eCu2+/Cu +  T 1° S aC,i2+ (7.25)

ecu=./c« = +  0.34 -f- 0.03 log aCu5.
A selenium electrode may be quoted as an example of a m 

electrode of the first kind:

(7.20)
an-metal

Sc’-/Se 
Sc -I- 2c =  Sc2‘

,  .o »  ,
s^’/ s , e . * 2-,sc ~  T  Iog “sc2- (7.27)
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or, nt -5  C, ^  _  _  q .92 — 0.03 log nSc:-

Molal elect rodes of the first kind ore of greater P ™ ^ ca>‘X ' S  
and arc easier lo construct than non-melal electrodes. In IU< la iu  r 
case measurements of the potential usually requ.ro in«rH on of a 
inert m etal conductor into the system consisting of a non-metal and 
its ions.

7.3.2. ELECTRODES OF THE SECOND KIND 

Flcclrodes of the second kind arc half-cells consisting of a 
covered by one of its sparingly soluble compounds (salt, oxide, o 
hvdroxi(le) immersed in a solution having the same anion as I he 
sparingly soluble compound of the electrode metal. A generalized 
electrode of the second kind may be expressed as 

A; -/MA, M

w ith the electrode reaction
MA +  ze =  M -r  A '- 

TI10 equation for the electrode potential will then be

„ _ P° —  log (7.28)
eA:-/MA. M — eA--/.'IA, M : S

Since the activities of metal M and solid substance MA are constant, 
Ihe equation for the potential of the electrode of the second kind 
may be simplified to

M — h)g a (7.29)

Thus, the potential of an electrode of the second k^ d dcpuids on 
the anionic activ ity  of the sparingly soluble compound of 
do m etal. The values of the potentials of electrodes o the sec . d 
kin,I are rendilv reproducible and stable. Ihcsc  electrodes . n  often 
employed as standard half-cells or reference electrodes''> v.it ' res cc 
to which the potentials of other electrodes are measured. 0  U ri.H e. 
interest in practice are calomel, mercury-mercurous sulpha c. sit 
ver-sil ver chloride, mercury-mercuric oxide, and antim ony electrodles.

Calomel Electrodes. The calomel electrode c o i^ s ts  o M  
m ercury covered with a paste of mercury and calomel and im m cr.ea 
in a solution of potassium chloride acting as electrolyte.

C l-T IgX I: . Tig

1. They arc often called subsidiary or secondary 
clion to the hydrogen elcclroilo. which is known ns inc p j  i



(7.30)

(7.31)

(7.32)
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The electrode reaction is the reduction of the calomel (mercurous 
chloride) lo metallic mercury ami a chloride anion:

HgoCI, -f 2e =  Mg +  2C1- 
lhc potential of tlie calomel electrode is reversible 
to chloride ions:

eci-/ii1J.cii. iic : eci-ziigscij, iig — b° log c;a _ 
and is governed by their activity. The potential of 
electrode at 2505C is found from the equation

eci-/iiejcii. Hg =  t  0.2678 — 0.0592 log «C|_
Ihc most frequently used electrodes are calomel electrodes in 

which the concentration of potassium chloride is either at saturation 
or equal to 1.0 or 0.1 g-cq/litre. The potentials of calomel electrodes 
on the hydrogen sea e arc calculated with the aid of the following 
equations which hold for temperatures ranging from 0 to I GOT/

(1) for a 0.1 Ar calomel electrode

e0., =  0.3337 — 8.75 x  lO' 1 (t — 25) — 3 x 10 “ (t — 25)s
(2) for a 1.0:Y calomel electrode

e,.„ =  0.2801 -  2.75 x  10'* (t -  25) -  2.5 x 10-“ (t -  25)- -
— i x 10-’ (/ -  25)3

(3) for a saturated calomel electrode

e.0/ =  0.2412 -  6.01 x 10~4 (l -  25) -  1.75 x 10-“ (t -  25)- -  
-  9.0 x 10-'° (I _  25)3

Calomel electrodes, especially saturated ones are convenient 
in use because the diffusion potential arising in a cell at the junction 
between the saturated potassium chloride solution and the solution 
under study is insignificant; it may be ignored in many cases where 
high accuracy is not required *

Mercury-Mercurous Sulphate and Silver-Silvcr Chloride Klcctro- 
(les. Mercury-mercurous sulphate electrodes SO?-/H<r,SO. H.r ,re 
similar lo calomel electrodes with the difference that" the mercury 
pool is covered with a paste of mercury and mercurous sulphate 
and sulphuric acid is used as the solution. The activity dependence 
of the potential of a mercury-mercurous sulphate electrode at 25°C 
is described by the equation

eso|-/iiB-sOi. Hg =  0-6156 — 0.0296 log (7.33;
The silver-s ilver chloride electrode is a system represi 

Cl-/AgCl. Ag
d by
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s poll'lltial is given by the equation
eci- asci. Ag =  e?:i- akci. Ag — 1)0 loS "ci-

■, at 2.VC,
<SCI-/AgCl. Ag =  0.2224 — 0.0592 log n, (7.:i5)

Mercui-v-incrc.irons .sulphate ami silver-silver chloride electro I cs 
should he used where the half-cell under study contains, as 111. 
electrolyte, sulphuric acid (or sulphates) or hydrochloric and (or 
chlorides). In order to reduce the diffusion potential (liquid junction 
potential), the concentrations of these electrolytes in reference (or 
comparison) eleclrodes should he the same as in the half-cell benq, 
tested or close to it. The temperature coefficients of the potentials 
of' mercury-mercurous sulphate, silver-silver chloride and calomel 
electrodes are dependent on the solution composition, bince. in 
contrasl lo calomel electrodes, in the first two types of electrode 
use is made of solutions of very different concentrations, the values 
of their temperature coefficients will not he given here.

Though the potentials of the electrodes of the second kind descrili
ed al>o\m are governed by the activity of the corresponding anions, 
one can nevertheless write equations for them coinciding in form 
with the equations for the potentials of electrodes of the first kind. 
For example, according to the solubility product principle, the pro
duct oi the activities of the silver ions and the chloride ions in solu- 
tion will be equal lo the solubility product of silver chloride, A’aeci*

«Ag- X «CI- =  tf.lgCI

flCl- =  - (7 .(Hi)

Subsliitiling the value of nci- from Eq. (7.36) into Eq. (7.34) gives 
CCI-/ASC1, Ag =  eci-/Agci. Ag -  5° log A'.u-ci -r  5° log ttAg. (7.(’,7)

Comparing Eqs. (7.23) and (7.37), one obtains the following equality 
eci-/Agc.i. Ag — log K \gc.i — ®Ag+/Ag (7..>iS)

l lie solubility product of sparingly soluble salts can be found by 
comiiaring the potentials of the corresponding electrodes of the 
first and the second kind. Equation (7.37), in which the potential 
of an electrode of the second kind is represented as a function id the 
activity of metal ions, is less convenient in practice than Kq. (7.34) 
since the activities of metal ions are negligibly small and arc derived 
from I he activities of the corresponding anions.

.Mclal-Mctnl Oxide Electrodes. This group of reference eleclrodes 
are particularly interesting since the role of the anions of the sparing
ly soluble compound of the electrode metal is played by hydroxyl 
ions. Examples arc provided by the following electrode systems:
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(1) llie mcrciiry-mcrciiric oxide cleclrode
OH-'llgO, llg

(2) the anlimony electrode
0 II- S1>20 3, Sb

The equations for the electrode reactions and potentials of these 
electrodes arc, respectively,

I-fgO +  H,0 + 2e = Hg +  2011- 
Sb;03 r  3H.0 -f 6e =  2Sb - OOIf-

nnd
Cou-,iigo. Hg — eou-/iigo. tig — b° log <70|[- (7.39)
eoii-/siisOj. sb =  c?m-,sii;03.sb — b" log «oii- (7. (0)

Equations (7.39) and (7.40) are obtained from the general equation 
for the electrode potential (7.14) under the assumption that not 
only the activities of the corresponding metals and their oxides arc 
constant, but so is the activity of the water, which also lakes part 
in the electrode reaction. This assumption practically does not affect 
the accuracy of the equations for the electrode potential and is 
widely used where the concentration of the solution is no! very great.

Like metal-metal salt electrodes of the second kind, metal-metal 
oxide electrodes of the second kind can be reduced to the correspond
ing electrodes of the first kind. Therefore they are reversible not 
only with respect to hydroxyl ions but to the ions of a nu■:sll as well. 
Besides, they arc also reversible with respect to hydrogen ions 
because the ionic product of water

A'w =  X «on- 
al a given temperature is constant for any aqueous electrolvtic solu
tion. Substitution of the value of <i0ii- from the last equation into 
Eq. (7.39) or (7.40) gives, respectively.
Con- tigo. lie =  Con-ngo. Hg — b° log A‘,r f)° log nH. =■

= efir/iigo. ug -  ba pi I (7.41)

eon-•sb.oj.su = e?,„-si.,oj.sb -  i° log AV -j- 6» log =
=  *H./Sb;Oj.Sb — pH (7.42) 

After substitution of numerical values of the constant terms into 
Eqs. (7.41) and (7.42) they assume the following form for 2.VC 

eon- Hgo. Hg = 0.92 — 0.00 pH (7.43)
eoii-/Sb.Oj.sb = 0.145 -  0.00 pH (7.44)

Metal-metal oxide electrodes can be used as reference electrodes 
for any acid or alkali solution since hydrogen or hydroxyl ions are
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potential-determining ions in this ease. The mercury-mercuric oxide 
electrode is recommended only for solutions with pH >  7 because 
mercury oxides are perceptibly soluble in acids. The antimony 
electrode cannot be employed as a reference electrode because of 
the instability of its surface oxide (oxides other than Sb20 , may 
form)- It buds application as an indicator electrode for approximate 
pH measurements in moderately acidic and neutral solutions.

7.3.3 GAS ELECTHODKS 

General Description of Gas Electrodes. A gas electrode is a half
cell consisting of a metallic conductor in simultaneous contact with 
the corresponding gas and the solution containing its ions. A gas 
electrode cannot be designed or the potential of the system composed 
of a gas and a solution of its ions measured without the provision 
of a metallic conductor just as any other electrode is inconceivable 
without an electronic conductor.

Uesides. a metal in gas electrodes not only creates an electrical 
contact between the gas and the solution containing its ions, but 
also accelerates the attainment of electrode equilibrium, i.e., serves 
as catalyst for the electrode reaction. Hence, only those metals can 
be used in gas electrodes which possess high catalytic activity with 
respect to the reaction between the gas and its ions in solution. 
Further, the potential of the metal in a gas electrode must be inde
pendent of the activity of other ions present in the solution, in 
particular of its own metal ions. Functioning as catalyst for the 
reaction between the gas and its ions in solution, the metal must 
at the same lime be inert with respect to other reactions which may 
occur in the system. Finally, the metal must provide as large an 
interlace as possible on which the reversible reaction converting 
the gas to the ionic stale could proceed. All those requirements 
are hesi met by platinum, which is most frequently used, lo 
produce a large surface area the platinum is coated elect roly I ieal I y 
with iinoly divided platinum black, this resulting in so-called plati
nized platinum. Pi. Pi. Gas electrodes are very sensitive to any 
change in the condition of the platinized surface, in particular, 
to catalytic poisons. To obtain reproducible values of the potential 
corresponding to the true equilibrium conditions of functioning of 
gas electrodes, it is necessary to observe various precautionary 
measures, which may involve considerable difficulties.

The Hydrogen Electrode. The gaseous hydrogen electrode may 
be represented ns

H*/H2, Pt
The corresponding electrode reaction is 

211* ’ 2c = H,



Part Three. Electrode Equilibr

from which and from Eq. (7.14)

(7.45)

eii*/ii5 +  b° loS aH* 2" log Ph* (7/,0)

It is scon from expressions (7.45) and (7.46) that the hydrogen electro
de potential depends not only on the hydrogen ion activity but also 
on the partial hydrogen gas pressure. Hence, the hydrogen electrode 
(as well as other gas electrodes) is more complicated than electrodes 
of the first or second kind, (he potentials of which arc directly de
pendent on the activity of a single ionic species. The standard hydro
gen electrode potential e?,*/n2 is conventionally taken as zero at all 
temperatures and therefore one can write, in place of (7 .45):

en+/H: =  2-303 ‘̂ -loK7 ^ -  (7.47)

Kor a partial hydrogen pressure of one atmosphere Eq. (7.47) simpli- 

eif/iis =  5° log an* (7.48)

eu*/Hs =  -  5° pH (7.49)

Thus, under definite conditions the hydrogen electrode potential is 
a direct expression of the pH value.

The Oxygen Electrode. The oxygen gas electrode is symbolized 
by

OH-/O,, Pt
The reaction occurring at the oxygen electrode mav be written as 
follows:

0 ; -  2H:0  ;- 4c = 4011- (7.50)
On this basis and from Eq. (7.(4) one obtains the following express!- 
on for the reversible oxygen electrode potential:

fou-,0. fon-.o- 2 . 3 0 5 log J " -  (7.51)

<5>u-.o. - eoir/oj t  log l\h -  6° log non- (7.52)

the activity of the water being included in the value of e°. At 25 C 
Hie theoretical value of the standard potential o( the oxygen electro-
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dc obtained from thermodynamic dala is +0.401 V. Therefore. nl 
P0t — 1 atm and 25 C the expression for the equilibrium oxygen 
electrode can be written as

eoiwo, =  0.401 -  0.0592 log aon- (7.53)
In practice, however, it is rather difficult to set up an oxygen 

electrode whose behaviour would be described by the derived equati
ons. This is explained by the specific features of gas electrodes in 
general and. in addition, by the tendency of oxygen to oxidize me
tals. especially in a moist atmosphere. For this reason, on the princi
pal electrode reaction is imposed it reaction corresponding to a metal- 
metal oxide electrode of the second kind. Oxide films may form even 
on platinum and then the behaviour of the oxygen electrode will 
not conform to theoretical equations. These deviations manifest 
themselves, for example, in the way the potential varies with oxygen 
pressure. Moreover, there are grounds for believing lltaL. apart from 
the formation of surface oxides, the reaction taking place at the 
oxygen electrode differs from the reaction forming the basis for Un
equal ion of the oxygen electrode potential. According to the data 
obtained by Berl (1943) and confirmed by other workers, purl of 
the oxygen is reduced at the electrode to hydrogen peroxide ions 
rather than to water:

O, +  H20  +  2e =  MOj +  Ofl- 
Thc potential of such an oxygen electrode is given by the equation 

W 1*0,
eilOj, 011-/0, =  ClIOJ. OH-/OJ +  ~2 *°8 a1|0-a011- ( '  -54)

which differs from l£q. (7.50) in the magnitude of the standard poten
tial (here e° at 25°C is 0.076 V) and the manner in which the 
electrode potential depends on (he hydroxyl ion activity. This is 
why the experimentally measured values of the oxygen electrode 
potential usually do not coincide with theory.

The Chlorine Electrode. The selling up of the reversible chlorine 
gas electrode

CI-/CU. Pi
entails considerable difficulties. Theoretically, the relevant electrode 
reaction is simple:

Cl 2 I- 2c =  2CI- 
and the electrode potential can be expressed by

ec,-/cis “  efcr/ct, +  2 . 3 0 3 l o g - ^  (7.55)

It should however be kept in mind that on the basic electrode process 
are itnposetl secondary reactions in which chlorine lakes part and
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which result in the formation of products of chlorine hydrolysis— 
hypochloriles. The high positive value of the standard potential 
of the chlorine electrode (+1.358 V at 25CC) complicates the choice 
of a sufficiently stable electrode material inert with respect to chlo
rine. This is also one of the causes for the deviation of the experi
mental values of the chlorine electrode potential from its reversible 
value determined on the basis of Ihermochemical data. Notwith
standing'this, a number of authors have succeeded in obtaining 
an experimental value of the chlorine electrode potential coinciding 
with the theoretical value.

The study of the behaviour of gas electrodes has been attracting 
■"uch attention lately in connection with intensified work on so-
:allcd fuel cells.

7.3.I. AMALGAM ELECTRODES 
i electrode is a half-cell in which an 

n containing i
The amalgam electrode is a half-cell in which an amalgam of some 

mclal is in conlncl with a solution containing ions of this 
A generalized amalgam electrode may be represented by 

Ifg
It is assumed here that the amalgam electrode potential is coi 
by the reaction

m.Mr+ +  zme =  M,„ (Mg) 
which means that mercury behaves as an inert medium in which 
metal M is dissolved and the ions of this metal plav tie- role of po- 
is'-iven bvr,n,,,,,'S 11,0 ,,0U‘,,lial of lhc amalgam electrode

[trolled

eM:+/.Mm. Hi- — e°l:"Vmw. lie 2-303 ~  log — . (7.50)
It depends not only on t 
but also on their activity 
in mercury its individual a 
is replaced by

he activity of the metal ions in solution 
in the amalgam. If the metal is dissolved 
iloms (m — 1). then the previous equation

•’.M--+M.I.+ lie “ T  ; (7.57)
It should be borne in mini 
a metal with I lie formal1 that mercury is capable of reacting with 

ion of inlermelallic compounds soluble
x.\l-'--i-xze t/llg =  M,[Ig„ (Mg)

. . . . . . ..u; civciiuuc potential will
in posit ion of the resulting compounds:

(7.58)
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Amalgam electrodes lind wide application in industry and in 
laboratory work. An example is provided by (lie cadmium amalgam 
electrode

Cd**/Cd, Hg 

on which the following reaction lakes place 
Cd1* +  2e =  Cd (Ilg)

Its potential is delcrmincd by Ihc formula

ECd-*/Cd. Ilg =  er.d-*/Cd, Ilg -i- T  lot! acq'il, (7-',!l)

Electrodes of this type containing 12.5 per cent cadmium are used 
to prepare standard, or normal Weston cells, the electromotive 
force of which practically does not vary with time. Amalgams most 
widely used in industry are made of alkali metals obtained as inter
mediates in the production of chlorine and alkalis.

7.3.5. OX IDATION-REDUCTION OR HF.DOX 
ELECTRODES

Any electrode reaction involves a change in the oxidi/.ed or redu
ced stale of the substances participating in the reaction; in this 
sense all electrodes may be regarded as oxidation-reduction systems. 
But (ho term oxidation-reduction electrodes, or briefly redox electrodes. 
is usually confined to those cases where metals or gases lake no direct 
part in the electrode reaction. In a redox electrode, the metal, which 
supplies or accepts electrons, acquires a potential corresponding 
to a steady redox equilibrium. The metallic conductor here must 
meet the same requirements as in gas electrodes. A distinction should 
be made between simple and multiple redox electrodes. With simple 
electrodes the reaction consists in changing the valency of the ions.
I heir composition remaining constant. Examples are provided by the 
following electrode processes:

Fc3* i- c --= I V*
TP* -!- 2c Tl*

MnOj -f- e ■= MnO;- 
Fc(CN);- t  e --= Fe(Ci\)J- 

If the oxidi/.ed ions are designated as Ox and the reduced ions ns 
Hod, then all (he above reactions can be represented by a single 
general equation:

Ox =  Bed (7. lit
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A simple generalized redox electrode is written as 
Red, Ox/Pt 

and its potential is given by the equation

eitai, ox =  Encd. ox-i- 2.303 —  log-^2*- (7.G1)

Equation (7.61) sliows that the potential of a simple redox electrode 
is determined by the activity ratio of ions in two different states 
of oxidation. If a cell yields ions of several valencies, there will be 
as many redox electrodes as the number of pairs that can be set up. 
For example, if a cell can exist as ions of three different valencies, 
then there will be three different redox electrodes.

The potentials of simple redox electrodes can be easily related 
to the potentials of the corresponding electrodes of the ti Vs I kind. 
Suppose, for example, that metal M is capable of existing in solution 
in the form of ions of high valency MA and low valency \P . In this 
case two electrodes of the first kind

M'7M and .M7.M
and one redox electrode

M”. M7.\l
can be constituted. I he potentials of these electrodes are. respeclive- 

eM*/M’ esi"/M’ an<* e\i". m\m- **“•' relation between these 
quantities can be found by visualizing the process or electrochemical 
dissolution of metal .M with high-valency ions M'1 In in ' produced 
either directly or through the intermediate formation of low-valencv 
ions Mn. It is supposed that the process of dissolution incurs rever
sibly and isothermally in an infinitely large volume of solution 
in which the activity of each ionic species is unity. This process 
may be represented by the following simple cycle:

~hFehM --------------------------

From this cycle it follows tin
M"

liel ----- in'1 -  (/i -  n) (7.02)
r.-ing Kq. (7.02) known as; Luther's rule, one can calculate the

Standard potential of any ome of the three electrodes if the values
for the other two electrodes iire known. Equalioii (7.02) is used in
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cases where the direct determination of one of (he potentials is either 
very difficult or impossible. For instance, the potential of the electro
de of the first kind I'YWFe, which is not directly measurable because 
of the instability of ferric ions under these conditions, can lie found 
from the experimentally accessible standard potentials of an electro
de of the first kind Fc!*/Fe and a simple redox electrode Fe2* 
Fc3+/Pt:

In I ho case of multiple redox electrodes the reaction involves 
a change in the valencies of the reacting particles and in their com
position. Heaclions of this type usually involve hydrogen ions and 
water molecules; the participation of water molecules however does 
not affect the equations for the electrode potential because the acti
vity of the water remains constant throughout the reaction, except 
in very concentrated solutions. Using the previous notation (Ox for 
oxidized forms and Red for reduced forms), multiple redox electrode 
can be represented as

Red, Ox, I-P/Pt
Its potential must be a function not only of the activities of the 
oxidized and reduced particles but of the hydrogen ion activity as 
well. The dependence on the latter is determined by the nature of 
the reacting particles. For example, for the system permanganate- 
bivalent manganese ions in which the following reaction takes 
place

MnOl +  8II+ +  he =  Mn*+ -f 4H,0 
the elect ;nde potential is given by the equation

-,n=U «no7“ eMn« »BOT +  2-303T T  loS ~ T ~ -  (7- '^

e.M„!♦. m„oT =  exm2+, Mn07 ~  T  ,0« +  T logair  (7 .C./|)

For the qiiinone-hydroquinonc system with the reaction 
C6H i0 2 +  2H+ -i- 2e =  0,11,(011), 

the electrode potential is given by 

eq. no =  e°Q. no +  2.303

Eo.in, e0 .HU-;- T loB— -: £-°log«„
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where llie subscripts Q and HQ stand, respectively, for quinone and 
hydroquinone.

An investigation into the dependence of the potential of multi pie 
redox electrodes on tile pH of I lie solution can therefore yield infor
mation on the nature of a particular redox reaction. And, conversely, 
multiple redox electrodes can ho used as indicator electrodes in pll 
measurements. Electrodes reversible with respect to the quinone- 
hydroquinonc system are widely used for this purpose. An equimole- 
cnlar mixture of quinone and hydroquinone is introduced into 
a solution whose pH value is to he measured. Assuming that the 
ratio of the concentrations of quinone and hydroquinone is equal 
to that of their activities

we can simplify Eq. (7.62) to
eq. no =  eq, hq t - b” log ou+ =  eq, uq — ft" p li

I'lie potential of such an electrode, known as a quiiilmlrnne electro
de, will he directly determined by the pH of the electrolvle.

When the reactants in a redox reaction are coinplc:\ organic sub-
stances, say. proteins, the metallic condoctor in coni .i.-i with (hem

ability to assume an equilihriuiin potential val
his system. In such cases so-ca lied potential
measuring the redox potential . These media : ,is represent

a simple■ redox system, often of the lype Ce3\  C.-' When cerium
salts of iconcentration many limes lowei■ than that of lie substances
forming a multiple redox system are added to the rca<■; uni medium,
the foliciwing reaction will lake place:

Ox +  Cc3+ =  Red +  Cc4t
and the simple redox system, having r'cached an equ ilihrium with
the mull tial. The met a
acquires the steady potential of the mediator and 1 lie identical

1 of the multiple redox system.. The change id the original
polenlia 1 as a result of the reaction between the pi•incipal redox
siibslances and the mediator mav be ignored since the
of the lat ter is negligibly small compare!1 with those of the substances
consliluting the complex redox system. The concentr:iit ions of these
substances therefore remain practically• constant.

7.3.6. THE GLASS ELECTRODE 

The glass electrode differs from the electrodes discussed above 
in that no electrons take part in the corresponding electrode reacti
on. The electrode reaction here is merely an exchange of hydrogen
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ions between two phases—solution and glass:
H + =  Ho

The charge of the hydrogen ion corresponds to the elementary 
positive quantity of electricity, and the transfer of tho hydrogen 
ion from one phase to the other is equivalent to the transport of 
unit charge, i.e., the value of z in the equation for the glass electrode 
potential should be taken as unity:

eo =  e& +  2 .3 0 3 -^  log (7.67)
Ho

But in fact the alkali metal ions contained in the glass are also drawn 
into the exchange reaction. Part of these ions are replaced by hydro
gen ions and pass into solution:

where M* may be ions of lithium, sodium or some other alkali metal, 
depending on the type of glass used. To this general equation there 
corresponds the following exchange constant

The value of this constant depends on the properties of the glass and 
on lomper.itlire; for ordinary glass electrodes at room temperature 
it ranges from 10~‘“ to 10-H. Assuming that in the type of glass 
used the sum of the activities of hydrogen ions and alkali metal

uh+ +  «m0 =  « 
we can rewrite the expression for the exchange

Solving this equation for a^ /an g . one gets:

«h» y + * - M»
X

lslant as follows 

(7.6‘J)

(7.70)

Replacing aHJau* in the equation for the glass electrode potential 
by its value from (7.66) gives

sc, =  sg +  4* log (<ih » +  K^ii+) (7.71)
where the standard potential of the glass electrode eg includes the 
quantity RT/F  In a. which is constant for a given electrode.
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Thus, in a general case the glass electrode potential depends on 
the activities of the hydrogen ions and alkali metal ions. When 

>  K fia ,
which is true for acidic solutions and also (owing to the low value 
of K e) for neutral and weakly alkaline solutions with a pIT value 
of up to 10-12, Eq. (7.71) simplifies to

eG =  8g +  6° log oh* = ea — b° pH (7.72)
In such solutions the glass electrode potential depends only on the 
hydrogen ion activity; that is why the glass electrode is used as 
indicator electrode in pH measurements. At

oh* <C ff»OM*

i.e., in the alkaline region, Eq. (7.67) also simplifies, taking the 
form

eG =  eo + 6° log aM* (7.73)

where the quantity e° includes a term containing the exchange con
stant

2.303-^- log Kc

It follows from Eq. (7.73) that for alkaline solutions the glass 
electrode potential is a function of the alkali cationic activity and 
it can therefore be employed as indicator electrode for determining 
the ionic activity of the corresponding alkali metal. When an alkali
ne solution alone is the source of cations.

and since
«n*aoH- =  Kw

then for the alkaline region of solutions, in place of Eq. (7.73), one 
can write

cg = eo" — 2.303 ■—  loga„+ =  e,” +  6° pH (7.71)

from which it is seen that for acidic and alkaline solutions the glass 
electrode potential is a function of hydrogen ion activity. Each regi
on of solutions has its own value of standard potential t° and the 
slopes of £° vs. pH straight lines in acidic and alkaline regions are 
equal in magnitude and opposite in sign. The variation of the glass 
electrode potential with pH is described by a curve with a maximum 
(Fig. 7.1). the position of which depends on the type of glass used 
and primarily on its exchange constant. Because of the uncertainly 
of e° (it depends on the nature of the glass, its treatment, etc.) glass
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-&.V

electrodes should be calibrated against a series of solutions of known 
p J1 value.

The procedure for measuring the glass electrode potential is as 
follows. A glass electrode in the form of a thin membrane, on one 
side of which is a solution under study and on the other a solution 
of constant pH*>, is introduced into the electrochemical system. 
Then reference electrodes 
(most often, silver-silver chlo
ride electrodes) are immersed 
in each of these solutions. The 
potentials on either side of the 
membrane are determined by 
the corresponding exchange 
reactions; on one side, howe
ver, the potential remains 
constant, while on the other 
it varies together with the 
composition of the solution 
according to the equations 
derived above. Thus, the glass 
electrode potential is equal 
to the potential difference 
between the two sides of the 
membrane. If the sides of the 
membrane were identical, 
then, with one and the same 
solution, the glass electrode 
potential would be zero. Rut 
in reality the properties of the 
glass on both sides of the
membrane differ, giving rise to a certain potential difference. This 
potential di(Terence —the asymmetry potential of the glass elect
rode—is included in the value of its standard potential.

The above consideration of the glass electrode is in accord with 
the thermodynamic theory of the glass electrode developed by B. Ni
kolsky (1937) and is based on the coucepl of the existence of an ion 
exchange between glass and solution. Similar assumptions were 
advanced by Dole (1934) in his quantum-mechanical theory of the 
glass electrode.

i> In sonic glass electrode designs, instead of a solution of constant pH, 
use is made of low-melting metals or alloys (o.g., the Wood alloy), a thin layer 
of which is applied to one sido of the morabrane. Such glass clcctrodos am called 
metallized.

12*
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7.4. STANDARD ELECTRODE POTENTIALS

7.4.1. THE TABLE OF STANDARD 
ELECTRODE POTENTIALS

The general equation for the electrode potential (7.14) indicates 
that at a given temperature the magnitude of the potential of any 
electrode depends on the composition of the system and its standard 
potential, which is independent of the activities of the substances 
taking part in the electrode reaction and is a constant specific to 
a given electrode. The values of standard potentials for a number 
of electrodes on the hydrogen scale and the corresponding electrode 
reactions are presented in Table 7.2.

The standard potentials given in Table 7.2 are referred to t =  
=  25°C; their values for other temperatures can be found from the 
corresponding isothermal temperature coefficients, which are also 
given in the table. The isothermal coefficients correspond to the 
reaction

0.\(t+)-r ( H2= Red +  zH+ (7.75)

occurring in the electrochemical cell
M/H2/Pl/electrolyle (electrode) M 

in which both electrodes and the electrolyte arc at the same tempe
rature (25°C). Any change of the system emf due to deviations of 
the temperature from 25°C is primarily determined bv the difference 
in the temperature coefficients of the potentials of the electrode 
being tested and the standard hydrogen electrode. Since the potential 
of the standard hydrogen electrode is taken as zero at all temperatu
res, the emf of the system (7.71) at any specified temperature will 
be equal to the standard potential of the electrode under study 
on the hydrogen scale.

From the thermodynamics of electrochemical systems it follows 
that the first isothermal temperature coefficient reflects the change 
in the standard entropy during a reaction (7.75) proceeding in a given 
direction, i.c.,

and the second, the change in the standard molar isobaric heat 
capacities

\d T * l zPT
If the isothermal temperature coefficients are known, the standard 

potential of any electrode at a temperature t different from 25°C can



( # )  >“ «>*•

Nj/N„ Pt 
Li*/Li 
Rb+/Rb 
Cs*/Cs 
K*/K 
Ra2*/Rn 
Ba2*/Ba 
Ca2*/Ca 
Na+/Na 
La3*/La 
Mg2*/Mg 
Be2*/Be 
Hf02l H*/Hf 
A13*/A1 
Ti2*/Ti 
Zr**/Zr
v2w
Mn2*/Mn 
WOJ-/VV 
Se2-/Se 
Zn2+/Zn 
Cr^/Cr 
SbOj/Sb 
Ga3+/Ga
s2-/s
Fe2*/Fc 
Cr3*, Cr2*/Pt 
Cd«*/Cil 
Ti3*, Ti2*/Pt 
T1+/TI 
Co2*/Co 
Ni2*/Ni 
Mo3*/Mo 
Sn2+/Sn 
Pb2*/Pb 
Ti4+, Ti3*/Pt 
D+/Ds, Pt 
H+/H=, Pt

Ge2*/Ge 
Sn4*, Sn2+/Pt 
Cu3, Cu+/Pt 
Cu2+/Cu 
Fo(Ci\)J-, Fc(CN)3-/Pl
o h - /o 2, p i

3/2N2 +  « =  Nj 
Li*+ a=L i 
Rb*-‘-a =  Rb 
Cs+ +  f =  Cs 
K* -!■-a =  K 
Ra2* -l-2« =  Ra 
Ba2* +  2e =  Ba 
Ca2* +  2e =  Ca 
Na* +  e =  Na 
La3* +  3< =  La 
Mg2* +  2< =  Mg 
Be2* +  2e =  Be
H fO, +  4H* +  4< =  Hf +  2HjO
AL3* +  3e =  Al
Ti2* +  2« =  Ti
Zr4* +  4e =  Zr
V2* +  2e =  V
Mn2* +  2e =  Mn
WO!- -)-4H.O+6< =  W+80H-
So +  2« =  Se2-
Zn2* +  2« =  Zn
Or3*-- 3e =  Cr
Sh0j+2H 50+3«=Sb+40H - 
Ga3* — 3e =  Ga 
S 2< =  S2- 
Fc2* +  2« =  Fe 
Cr3+ +  a =  Cr2*

Tl* e — Tl 
Co2*+  2* =  Co 
Ni2* +  2e =  Ni 
Mo3* +  3e =  Mo 
Sn2* +  2t =  Sn 
Pb2* +  2r =  Pb 
Ti4* +  e =  Ti3* 
D* +  r =  >/sDs 
H+ +  c =  V»H.

Go2* -2e =  Ge

Cu2* +  2« =  Cu 
Fo(CN)3- +  a =  Fe(CN)J- 
Vj0 ,+ H 20  +  2c =  20H-

-2.923
-2.925
—2.916
-2.906
- 2.866
-2.714
-2.522
-2.363
-1.847
-1 .7
-1.662

-1.180
-1.05
-0.77
-0.7628
-0.744
-0.67
-0.529
-0.51
-0.4402
-0.408
-0.4029
-0.369
-0.3363
-0.277
-0.250
- 0.20
-0.136
-0.126
-0 .04
-0.0034
±0.000

+ 0.01
+0.15
+0.153
+0.337
+0.36
+0.401

-0.59
-0.395
-0.175
-0.772
+0.085
+0.103
+0.565

+07504

+0.87

+0.052

-oTo93



■S -> i+(^)(l-25) +  4 . ( | £ . ) ( i - 2 5 p  ( 7 . T S )

Since the second isothermal 
for a very limited number of cl(

isothermal corf

e?=e»°‘+ ( f r )  ( f -2 5 ) (7.79)
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For instance. for the AgVAg electrode nt wliicli the following reacti
on lakes place

Ag+ t « =  Ag 
llie standard potential at 55CC is equal to

eV.'Ag =  0.7991 -  1.000 X lO”* (55 -  25) =  0.7691 V 
Knowing the value of the isothermal temperature coefficient of 

the potential and the thermal temperature coefficient of the standard 
hydrogen electrode, one can lind (he thermal temperature coefficient 
of any electrode:

=  0.S71 mV/deg C
V dT IT

then

(irr)r = (ifr)+ 0-871 mV/de«c
The thermal lem])eralure coefficient corresponds to the change 

of the emf in a thermogalvanic cell1', i.c.. in an electrochemical 
system consisting of two identical electrodes immersed in solutions 
of the same composition but at different temperatures t, and /2. 
The thermal temperature coefliciont is considered positive if the 
“hot” electrode in a thermogalvanic cell is the positive pole or, in 
other words, if with rising temperature the electrode potential 
shifts towards more positive values. For example, for the thermognl-

M’/Ag/AgN03/Ag/M

the thermal coefficient will be equal to

j r , _  1.000 +  0.871 ^  —0.129 mV/degC 

that is. in this system the “hot” electrode has a less positive potential.

7.12. THE USE OF STANDARD POTENTIALS 

Standard potentials are used to resolve many problems associated 
with chemical equilibrium in solutions. When the electrode poten
tial coincides in magnitude with the standard potential, i.e.. when

Hero we consider the simplest form of a thermogalv.---- ------------
case, the electrodes in a thermogalvanic cell may be different in nature and 
necessarily reversible. They may be brought into co n --1 
different composition.

cell. In a general 
in nature and not 
with solutions of
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the second term in Eq. (7.14) is equal to zero, any electrode situated 
lower in the electrochemical series is more oxidized than an electrode 
situated higher, i.e., closer to the top of the series. When two such 
electrodes are combined to form an electrochemical system, we will 
have reduction at the first electrode and oxidation at the second. 
The process will proceed in the same direction if the active substnnces 
of both electrodes are in direct contact and the reaction follows the 
chemical path. In either case, as a result of the reaction, the compo
sition of the system will change and the electrode potentials will 
no longer correspond to the standard values. An equilibrium will 
set in at the moment when the potentials of the two electrodes (or 
the two electrode reactions) become equal. This state is reached at 
a definite ratio of the activities of the reacting species, corresponding 
to the equilibrium constant of the reaction.

Suppose we have redox systems of the tvpe Ce3+, Ce4" and Fc5+, 
Feat. The electrode potential of the first system at 25°C is "iven by 
the equation ' °

ecc»*. £*« =  1.61 +  0 059 log
ac,-3*

and that of the second, by

eres*. fc»  =  0.77 +  0 059 log — ^

In a system containing iron and cerium ions an equilibria 
set up when the two electrode potentials become equal:

eCe>*. Cct* =  epeM., Fc3t

Then, on the basis of Eqs. (7.81) and (7.82), one can wrili 

1.61 -j- 0.059 log - i -  =  0.77 4- 0.059 log — 2 

Hence, at equilibrium

aco»+arc»*

(7.81)

(7.82) 

will be

= 10 = 1014

When a solution containing ceric and cerous ions is added 
tion containing ferric and ferrous ions, the reaction wil 
in the direction of oxidation of the ions of bivalent iron and 
of those of tctravalenl cerium; at equilibrium the iron will 
cally completely oxidized to ferric ions, and the ceriui 
to cerous ions. The system Ce3+, Ce4+ can bo used in 
volumetric analysis (cerimelry) because of its high 
potential.

(7.84)

i a solu- 
procoed 

reduction 
be practi- 
n reduced 

chemical 
oxidation



A similar picture is observed on mixing solutions of Fe^,, Fes+ 
and Sni+, Sn*\ where the iron is reduced and the tin is oxidized. 
At equilibrium, as follows from the magnitudes of standard poten
tials: ..............
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aFc»<,aSn»*
aKc*+“Sn*<

=  10 =  10" : (1.8.1)

nracticallv all the dissolved iron will be present os bivalent ions. 
Solution* of salts of bivalent tin are therefore used for quantitative 
reduction of ferric to ferrous ions and for other reduction processes.

Analogous phenomena lie at the basis of the process of d'sPlaceJ 
menl of metals from solutions of their salts by other metals s.lua d 
closer to the top of the electrochemical series. This proces- i- called 
cementation or contact displacement and is widely employed in 
engineering. In practice, cases of contact displacement of copper 
from solutions of its simple salts by iron are o ten encountered. 
Equating the electrode potentials of partial reactions and ubsti- 
tuting the table values of standard potentials, one obtains for the 
state of equilibrium:

= 10-“ (7.86)

Thu« if a copper salt solution is brought into contact with a suffi
cient amount of metallic iron, the processes of ,rofn. ^ f p° 1 ®"j_ 
copper deposition will continue until the ratio of their ionic oc i 
vitiw be-ins to satisfy Eq. (7.86). This equation shows that if the

Si %  ~

Most electrochemical processes occur in contact with a 
air. This is why the position of a given electrode in the eleclrochemi 
col series relative to the electrodes

H +/H2, Pt 

0 H -/0 : , Pt
and

un-/U2. i '1
(printed in bold type in Table 7.2) is particularly important from 
the practical and theoretical points of view hvdrogen

All electrodes with a potential more negative tinu the 
electrode potential are thermodynamically unstable in aqueous
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solutious. Reactions corresponding to such electrodes will proceed 
spontaneously, resulting in more oxidized substances and simulta
neous decomposition of the water with evolution of hydrogen gas. 
For example, metallic sodium (e$;aVNa =  -  2.71 V) should de
compose water and pass into the ionic stale according to the equation

.\a 4 - H ,0 =  , \V  + 1  H, 4  OH-

or. in acidic media, according to the equation

i\a 4  H+ -  Na+ -(- ~  112

ihe ratio of the activity of sodium ions to that of hydrogen ions 
at winch equilibrium sets in is approximately equal to 1003. Since 

ns ratio is impossible to realize cither in acidic solutions, where 
the activity of hydrogen ions all+ is close to unity, or in alkaline 
solutions, in which <,„♦ is about 10-'«, metallic o li 1 v
unstable when in contact with water.

Similarly, since Ihe standard potential of the redox system Ti'- + 
I. * is considerably more negative than the hydrogen electrode polen- 
lf  I _  r  U" ' V,' !n a(I"‘‘l,0S solutions of bivalent salts
of titanium spontaneous oxidation of Ti-- to Ti3 + ions will proceed 
uiln simultaneous decomposition of water:

i acidic media
T i2+ -f- 11,0 =  T i3+ 4  1 11, 4  OH- 

T r + 4  H+ =  T i3+ 4  -i-11,

All electrodes whose potentials are less positive than t'u 
eU.cIrode potenlia1 are thermodynamically unstable when ir 
h'. ‘" r.a'U. wafer- ,n sucl> oases spontaneous reaction of o.v

> conversion into water or hydrogen peroxide is observ 
simultaneous oxidation of the corresponding metals or other 
cos. I or example, metallic iron =  _  n /./. V
will, the oxygen of the air /F° ‘ '

F® ^  4 -0 ,4  H20=--Fc34 4  2011- 
Ions of univalent copper (e£u,/c„:. =  4  0.154 V) uko , 
spontaneously to bivalent ions

2 C ,r - 1 0 2 + H20  =  2Cn3+4  2011-

b?v’ilenV 'inns C°!,>,erI =  +0.3', V) goes into solul * ion.., simultaneously reducing oxygen:

c « -1- 4- °2 -r H,0  Cu-- 20H-

oxygen
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Thus, if an electrode is situated between the hydrogen and oxygen 
electrodes in the electrochemical series, decomposition of water 
with evolution of hydrogen is thermodynamically improbable, hince 
reduction of oxygen is still possible, such an electrode must be ther
modynamically unstable in the presence of water and air. But if the 
aqueous solution is degassed and the air above it is replaced with 
an inert atmosphere, reduction of oxygen will then be avoided and 
the electrode will become thermodynamically stable. Under these 
conditions it is possible to realize a reversible electrode potential 
and to measure its magnitude against the corresponding reference 
electrode. . . . .. ,

Finally electrodes with potentials more positive than the potential 
of the equilibrium oxygen electrode are thermodynamically unstable 
and will decompose water with evolution of oxygen gas. For example, 
judging by the value of the standard potential of ceric, and cerous 
ions, which is equal to -M.01 V. the ions of tetravalenl cerium must 
reduce spontaneously with simultaneous decomposition of water 
and formation of oxygen

Ce4+ -  4- H20 -  Ce3+ +  y  02 Ii+

To evaluate the thermodynamic stability of electrodes in aqueous 
solutions, it is convenient'to use a diagram of the type shown in 
Fi« 7 2, which gives the reversible potentials of the oxygen (line it) 
and hydrogen (line b) electrodes as a function of hydrogen ion concen
tration in the range of pH =  0 to 14. The area /  below the line b 
of equilibrium potentials of the hydrogen electrode corresponds 
to the legion of water decomposition with evolution of hydrogen. 
The area 7,’ above the line a of equilibrium potentials of the oxygen 
electrode corresponds to the region of water decomposition with 
formation of oxygen. Within the area 2 situated between the lines 
a and b the water will not decompose; i 
formed from hydrogen and c
electrodes whose potentials a .t  ................-   ■
namically stable. Using this diagram, one can easily predict ho 
behaviour of any electrode in aqueous solutions provided that the 
magnitude of its potential at a given value of pH is known, figure 7.2 
also gives the thermodynamic stability of water at -5 C and atmo
spheric pressure as a function of the pH of the solution and the value 
of electrode potential.    ,

In using the data of Table 7.2 it is necessary to keep in mind that 
the conclusions based on them are the most probable only thermody
namically, indicating only whether a given process is thermodyna
mically possible. In actual conditions, however, there may be devia
tions from the conclusions made, and the processes involved may 
occasionally proceed differently from what would be expected from

__ , ...i the contrary, it may be
. In the absence of these gases, 
liin the area 2 will he thermody-



general thermodynamic considerations. Such deviations are possible 
primarily because the thermodynamic equations for electrode poten
tials lose their meaning when the activities of the reacting species 
are vanishingly small. If the activity of even one of the reactants 
is equal to zero, the electrode potentials must become infinitely large 
in absolute value; this is not observed in actual fact. Each electrode
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Fig. 1.2. Regions of electrochemical stability of water and electrode- in aqueous
solution* 1

has a limiting value of activity below which the thermodynamic 
equa ion of the electrode potential ceases to agree with experiment. 
But the mechanism of the potential-determining electrode reaction 
h l n i t  Chanfg1°.s e';en be1fore \ his Smiting value is reached; hence, 

the nature of the electrode itself and the corresponding variation of 
of the potential with the composition of the system also change. 
Ihus. for most metallic electrodes of the first kind the variation of 
potential with activity can no longer be described by the correspond
ing thermodynamic equation if the concentration is below
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10-* g-ion/litre. The fncl that electrode processes do not always pro
ceed reversibly may ulso cause deviations in the region where iho 
ihermodvnamic equation for the equilibrium electrode potential 
must agree with experiment. As far as irreversible chemical processes 
proceeding at an appreciable rate are concerned, they are known to 
defy thermodynamic interpretation. They obey the laws of chemical 
kinetics. It may turn out that a process, which is thermodynamically 
probable does not actually take place because of its specific kinetic 
features. And, finally, departures arc also possible associated with 
phenomena omitted in the general thermodynamic treatment of 
electrode potentials such as the so-called passivation of electrodes.



CHAPTER 8

Electrochemical Systems 
(Electrochemical Cells)

8.1. PRINCIPLES OF CLASSIFICATION 
OF ELECTROCHEMICAL SYSTEMS 

Not only can the various electrodes be classified according to the 
nature of the electrode reaction but also their possible combinations. 
Three principal types of electrochemical systems, or cells, are dislin-

Syslcms of the first type consist of two chemically identic.il electro
des with one and the same electrode reaction. The emf ol' such systems 
would he equal to zero if the physical properties of both electrodes 
and hence their standard potentials were identical, lint it the stan
dard potentials of the electrodes do not coincide owing to the diffe
rence in their physical properties, the emf of the system" will be diffe
rent from zero:

E =  e? -  e? =  E° (8.1)
This equation follows from the general thermodynamic equation 
(7.12). Electrochemical systems, or cells, in which the electrodes 
differ only in their physical properties and the emf is given by Eq. 
(8.1) are called physical cells. In a physical cell, one electrode, as 
a rule, is in a more stable and the other in a less stable slate under 
given conditions. The source of electrical energy is the free energy 
of transition of the electrode from the less to the more stable state.

In systems of the second type there arc two electrodes coinciding 
in their physical properties, qualitative chemical composition and 
the nature of the electrode reaction, hullheactivities of one (or seve
ral) of the participants in the respective electrode reactions are diffe
rent. In this case the emf of the system (taking into account the equa
lity of the standard potentials of the electrodes) is given, on the basis 
of Eq. (7.12), by

(8-2)

where k and n are the participants in the electrode reactions, with 
activities different at each of the electrodes. Electrochemical systems 
in which the electrodes differ only in the activity (concentration) 
of the participants in the electrode reaction and the emf is determined 
by Eq. (8.2) are called concentration cells. The source of electrical 
energy in such cells is the energy of transfer of a substance from the 
greater to the lower activity.



Ch. 8. Electrochemical Syttem 191

Electrochemical systems of the third type are cells in which the 
electrodes may differ both in their chemical and physical properties. 
The cmf of a system of this type is expressed by the general equation 
(7.12). Such electrochemical systems are called chemical cells. In 
these cells, the source of electrical energy is the chemical reactions 
proceeding in them.

8.2. TYPES OF ELECTROCHEMICAL SYSTEMS

8.2.1. PHYSICAL CELLS 

Gravitational Cells. These cells usually consisL of two liquid elec
trodes of different height made of one and the same metal. The 
electrodes are immersed in a solution of a salt of the given metal. 
A cell of this type with mercury electrodes of heights h, and h. 
(It, >  h2) dipped into a solution of mercury salt HgA may he repre
sented as

Hg/HgA/Hg 
(111) (t*2)

The electrode of greater height (A,) has an increased amount of free 
energy compared with the electrode of smaller height (/i3), and there
fore it dissolves to form mercury ions:

Hg-*-yHg£* —c

and at the right-hand electrode the mercury ions are discharged and 
metallic mercury is deposited:

4-nr+e-Hg
(d2)

Hence, the overall process in the cell is the transfer of mercury from 
the higher electrode to the lower one 

Ilg-*- Hg

This spontaneous process keeps on running until the heights of the 
two electrodes become equal. Thus, gravitational cells are electro
chemical systems in which the mechanical energy due to the difference 
in the gravity of the electrodes (whence the name of these cells) 
is transformed into electrical energy as a result of theelectrochemic.al 
reactions taking place in them. The emf of gravitational cells depends 
on the height difference and decreases as this difference becomes 
smaller. The emf of cells of this type is usually very small, hot 
example, for mercury at a height difference of A« — 100 cm the eml
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is only about 20 X 10~s V. Some values of tlie einf for tho system 
Hg'Hg2I2, KI/Hg
(hi) (*a»

calculated from the height difference Mi, using the relation Ecnl = 
=  MgSKzP, where M =  molecular weight and g — gravity due 
to acceleration, and measured directly are as follows:

Afc, cm 32 4G 113
Ecal X 10s, V 7.2 9.3 22.9
F. „ p X 10s, V 7.4 10.5 21.0

The satisfactory agreement between the theoretical and experi
mental values of emf corroborates the concept of the origin of electri
cal energy in gravitational cells. The emf of such cells can be raised 
to several millivolts by creating a larger difference in the gravity 
of the electrodes, e.g. by centrifuging. In this case the emf will also 
be very small, only a small fraction of the mechanical energy consu
med for the operation of the centrifuge being converted into electri
cal energy. Although such cells are of no practical importance, 
they are of interest because the property described points to the pos
sibility of generation of electrical energy in systems with chemically 
identical electrodes.

Allotropic Cells. The electrode materials in cells of this type are 
two modifications of the same metal (Ma and Mj) immersed in a solu
tion (or a melt) of its ion-conducting compound. At a given lempe- 
raturo (unless it is the phase transformation temperature at which 
the two modifications coexist in equilibrium) only one modification 
of the metal chosen is stable and the other is in a met.islablc stale. 
An electrode made of a metal in a mctaslable state (say. Mj) will 
possess an increased amount of free energy. It plays the role of the 
negative electrode in the cell and supplies metal ions to the solution:

Me =  M*s +  ze
At the electrode prepared from the stable a-inodifiralion metal 

ions are discharged:
M-‘* -f ze =  Ma 

Thus, the overall reaction proceeding in the cell 
Ms/MA/Ma

consists in the transfer of metal from the metastable modification 
to the stable one:

Me M0
which is an electrochemical transformation of the unstable modifica
tion into the stable one. From the frcc-energy change, which cor
responds to an allotropic transformation, one can calculate the emf
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of Ihc system or, conversely, Hie free energy of an allolropic transfer- 
iniilion can ha determined from Ihc* emf. which is relatively easy 
to measure. ,, . , , . , .■ ,Under certain conditions such cells can he used In delei mine the 
temporal ure of allotropic transformation. If the temporalure is rai.eil 
lo a value at which the a-modificalion is converted lo the P-nmdih- 
caiion the melal of I lie I wo electrodes will he in the same modilica- 
tion. and I he emf of the system will be equal (or close) to zero I lie 
emf of I he system mav he different from zero because the free energj 
of two electrodes made of a melal of the same modification need not 
be equal. This is observed, for example, when the electrode differ 
in .-rain size or are subjected lo different internal stresses. An electron.'

up smaller crystals or experiencing excessive mechanical 
stress nlavs the role of‘the negative pole of the cell. This electrode 
dissolves.'and the melal is deposited at the other one. Moreover an 
emf mav appear even when faces of a single crystal of one and the 
same metal are used as electrodes, because they possess diflerent 
VmoirnU < f free energy The electrode formed by the face with Hie 
greater amount of surface energy will dissolve, and melal ions will 
be deposited on the crystal face with the smaller amount of surface 
enef-y liv measuring the resulting emf one can And the difference 
in surface energy between faces of a single crystal of I he given melal. 
It should however he slressed that in many cases the potential diffe
rence e\i- 'iie- between two different samples of one and the same 
melal shculiUiol he identified with the value of the reversible emf.

Electromotive forces arising in the cases considered are usually 
small: nevi-rllieless. in certain electrochemical reactions, say in corro
sion processes, they should be taken inlo account.

8.2.2. CONCENTRATION CELLS 

Concentration Cells of the First Kind. Two types of concentration 
colls are distinguished: colls of the first and the second kind. Con
centration cells of the first kind consist of two electrodes of the same 
chemical nature but of different activities; both electrodes are immer
sed in the same solution. A typical example of concentrat.m.cel sof 
the firsl kind is provided by amalgam cells, m which the plectiode- 
differ only in the activity of Ihc melal dissolved in the amalgam.

M, Mg MA M. Ms
(...) (-!,)

If m  >  0 ,1. the melal dissolves at the left-hand electrode and passes 
into solution as the corresponding ions:
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Tlie same reaction proceeds at the right-hand electrode but in the 
opposite direction:

\ 1 + - - ze r  Hg =  Mifg

The overall cell process consists in transfer of the metal from the 
concentrated amalgam to the dilute one 

MHg-eMIIg
(Oj) (1H)

and the emf of such a system is given by

£ = ™ l l n ^ L  (8.3)

In amalgam cells, this process goes on there is a difference
in the concentrations (activities) of the ain..:, ns used as electrodes.

An example of an amalgam cell is pros. oy a cell consisting 
of potassium amalgams of different activity  i . a solution of potas
sium chloride

K, Hg/KCl/K. Mg
(«,) «■„>

The emf of this system is determined by tin- formula 

£  =  6° log -p-

Since metal ions are always positively charged, the emf of the amal
gam cell as written will be greater than zero. The fundamentals of 
the theory of amalgam cells were worked out by V. Tyurin (1890).

Concentration cells of the first kind may also be exemplified by 
simple gas systems consisting of two identical gas electrodes at diffe
rent pressures. The emf’s of such systems can be found from the mecha
nical work done in transferring one mole of gas from the high pressure 
P' to the low pressure P':

E =  - ^ l n - £ -  (8.4)

For example, the emf of the gaseous hydrogen cell
H2, Pt/HCl/H2, Pt

(Ph,> (pHj>
is given by the equation

E = (8.5)

In the cell as written, the hydrogen gas is ionized at the left-hand 
electrode, while at the right-hand electrode the hydrogen ions are
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discharged and the hydrogen formed is transferred to the gas phase. 
The positive electric current flows within the cell from left to right

i chlorine gas cell of the type
Cl2, P l/H C i CI2,P t

('' cii> <''c>

is given hy the equation
F  — ___ - |n Ti (8.0)

If P' >  P'- lhen lhc reaclion :lt t,lc Id*-hand electrode is the ioni- 
7niion of chlorine resulting in negatively charged chloride ions. 
AL the limit-hand electrode, the chloride ions are discharged and the 
chlorine molecules formed are transferred to the gas phase. The posi- 

n Oows from right to left and, according to the International 
convention, the emf of this cell is negative1). Equation (8.4) indicates 
., . rm. .Ses such as hydrogen and chlorine with z =  ±  2 the cmf 

f a gas "ini at a pressure ratio of P'lP’ =  10 and at 25°C is about 
nq v  Eor an oxygen gas cell (z =  —4) under the same conditions 

Ihe e n'f is equal to 0.015 V.
Conceit 1 ration Cells of the Second Kind. Cells of this type consist 
^  , . r . . . l AlooiF/irlnc immarcntl in Qnliil inns nf Lhp Sflmp ftlectro-of two Kiel ill electrodes immersed in solutions of the same electro 

nt activities. Depending on the ions with respect to 
reversible, concentration cells of the secondwhich‘l he electrodes 

kind are classified as cationic.

K, Hg/KCl/KCl/K, Hg

and anionic, e.g. ^  AgCi/HCl HCl/AgC), Ag 

<°i> (“ii1
T , < ,rocess giving rise to an emf in cells of this type is the transfer 

t lcclrolyte from the concentrated to the dilute solution: such 
° i i" C ° therefore also known us concentration cells with transference 
cells arc ^ They may also he called concentration cells with a liquid 
(or tramp ' ([)erc is a boundary between the two solutions, across
junction nre transported and a diffusion potential develops, 
which ii> ■ ^  nn examp]c ii,e generation of an emf in anionic cells.

Consif > ‘t |ic reaction at the left-hand electrode is
Ag +  Clf =  AgCl -f t

^aegativc value of cmf follows from the fact that here j
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mid ions are transferred according to llieir transport numbers 
(/+IJl <Xlf). As a result of the electrode reaction, a molecule 
of silver chloride is formed, for which one g-ion of chloride ions 
is used. At the same lime, /_ ('-ions of chloride ions migrate to the 
electrode on the left, thus partially compensating the loss of chloride 
ions. The net loss of chloride ions when one faraday of electricity 
is passed through the cell is

-  (1 -  I-) I'-lf -  -  / . x i f
The region around the electrode will lose g-ions of hydrogen, and 
so the amount of hydrogen chloride will he reduced hy I gram- 
equivalents.

The same processes will lake place at the right-hand electrode hut 
in the opposite direction: lirsl. the conversion of silver chloride into 
metallic silver and chloride ions:

AgCI +  e =  Ag +  Cl,, 
and. second, the transport of ions:

/ ,.iif, -  /_cin
As a result, the amount of hydrogen chloride at the right hand electro
de will increase hy /+ grain-equivalents.

The sum of all the electrode processes gives the gen.-.;,I equation 
for the electrochemical reaction in the anionic cell.

TJff i- / ,Clrr — l , \ \ h  -|- t+CIf, (8.7)

Thus, the source of electrical energy in the concentration cell under 
consideration is the transfer of I gram-equivalents of hydrogen 
chloride from the more concentrated to (he more dilute solution. 
Using Eq. (7.7) in combination with Eq. (8.7), we obtain the expres
sion for the cmf of an anionic concentration cell of the second kind:

E =  E° - i - - ^  I n - ^ f e ^  (8.8)
uh\) Cl(ii)

or

£ " 1' T - | " 7 T 7 l!L  (8.9)
H(ii) a <"ii>

since E° =  e( -i- ej must be equal to zero for a system with two 
identical electrodes connected in opposition (e° =  — e»).

Using Eq. (2/i) relating the mean ionic activity of an electrolyte 
to the activities of its individual ions, one can write
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, in place of (8.i>),

E  =  2 / ,2 .3 0 3 -^  log — (8 . 10)

v l imlv one can deduce the equation for the einf of a cationic 
c ^ r t l ^  ^ l  w ^  transport. 2or example, for an amalgam cell 
of the type

K. Hg/KCI ! KC1/K. Hg

the following equation is valid

E -  -  2f_2.303 log — — (8-11)

IV |.„s (8 10) and (8.11) it follows that by measuring the emf 
of « c L e 2 r ™ 8 i  with a liquid junction at different concentra
tions one can find the transport numbers of the ions.

relN villi transport, the equation is simplified, ine a 
staiV.ud emf E °h; omitted and only the term charncterizingthe e 
of !ln concentration of the reactants on the emf is retained.

8.2..1. CHEMICAL CELLS 

( |1..miral cells are usually subdivided into simple an.J oomplex 
cell' In simple chemical cells one electrode is ™v'e" ,bJ“ 
to the cations of the electrolyte and the other to the anions. In com

c ,  of the  - y . ,

H,, M /H ,0/0,, M

H2 +  4 -°= = H j0
C om bining th is  reaction w ith Eq. (7.7), we o b ta in , he fo llow ingexpres- 
«ion for the emf of the hydrogen-oxygen cell

E = B> +  % - ln P « ,lW  (8A2)
The same equation can be obtained by considering 'he parlial 

electrode reactions. The reaction occurring at the hydrogen electrode 
is the ionization of hydrogen

I I ,  =  2H+ +  2e
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,H+flS0j-
“HjO (8.17)

Since
fln-so,

where «ii2soi is Ihe total activity of if^SO. we can write for the emf 
of the lead accumulator, in place of Kq. (8.17).

In -

E -  2.04 +  0.05!) log ’f

lu lead accumulators use is made of conn aim 
phuric acid, and therefore the activity of v... 
here and cannot be included in the moasi i- I emf.

The current-producing processes lying ,it ; :i<- basis of liq. (8.18) 
are in accord with the so-called theory ol dm.bio siilphnlion develo
ped by Gladstone and Tribe. According to Ibis theory both electrodes 
are converted into lead sulphate on discharge. When they become 
identical in chemical composition, j.c.. when they are both transfor
med to electrodes of the second kind. 80 , I’b-SO. 1’b. the cell 
emf practically falls down to zero. The product of I lie'electrode reac
tions—solid lead sulphate —is capable of adhering to the electrode 
surface. Therefore, when a current flows in Ihe opposite direction (if 
an external source of direct current is connected to the cell), the 
reactions proceed from right to left, recovering the initial current- 
producing substances (metallic lead and lead” dioxide). After this 
process is complete, the electrochemical cell can again operate as 
a source of electrical energy, i.e.. it is capable of functioning as an 
electrochemical accumulator of electrical energy. These discharging 
and charging cycles may repeal many limes, the’ original stale of the 
system being recovered after each new charging. Such accumulators 
are therefore sometimes called secondary cells, in contrast to primary 
cells(c.g. the Weston cell) in which (lie energy of chemical reactions 
c«iii he used but once.

The cell discussed above was Ihe first lead accumulator It was 
designed by Plante in 1859 on the basis of the idea suggested by 
Jakobi. Later, in the 20th century, alkaline accumulators w'ere devi- 
7in ;V,/';inir*el",ir!)vn (E(liso")’ nickel-cadmium (Jungner) and silver- zinc cells (Andre).
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Complex Chemical Cells. Kxamples of this type of cells are the 
primary Danicll-Jakohi and Leclancho cells.

Tile Dnniell-Jakohi cell may be schematically represented ns

Zn/ZnSOt | CuSO./Cu 
The reaction taking place in the cell is

Zn +  Cu4t =  Zn2+ +  Cn

'I’hc left-hand electrode, the negative pole of the cell, is reversible 
with respect to zinc ions, and the electrode on the right, the positive 
pole, with respect to copper ions. The emf of the cell is therefore 
determined by the ratio of the activities of copper and zinc ions:

E - E T -  —  In (8.20)

In this cell there is a boundary between the two solutions, across 
which a diffusion potential is developed. The equations for the che
mical reaction and the emf of the Daniell-Jakobi cell are in fact more 
complicated than those given above. But since the mobilities of cop
per and /.iric ions do not differ considerably and the concentrations 
of copper and zinc sulphates arc nearly equal, the diffusion potential 
plays no significant part in the generation of an emf in this cell.

For the l.eclanche cell

Zn/i\II.Cl, ZnCl2/.Wn()2, C 
the probable current-producing reaction may bo written as

Zn -h 2NH.C1 +  2Mn02 =  Zn(.\II,)2Cl2 +  .\ln20 3 -r H ,0
The theory of the operation of the hcclanche cell has been insuffi
ciently worked out so far.

Double Chemical Cells. In double chemical cells two identical 
simple cells of different electrolyte activities have a common electrode 
and are thus electrically combined into a single cell via an electronic 
conductor. For example, two simple cells consisting of a silver- 
silver chloride and a hydrogen electrode each can be joined to form 
a double cell with a common hydrogen electrode:

Ag, AgCl/HCl/Mj, Pt, H2/HCl/AgCl, Ag
«■!> <°n>

The same reaction lakes place in each single cell:

Ag 11+ +  Cl" =  AgCl -h y H ,
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The cmf of the cell is thus given by

■ =  /•:» —  aH*°soS-

a'H*asoV =«iijso,

where is the loli.l activity of lf2SO. we can write for the emf
of the lead accumulator, in place of Kq. (8.17), ° C ""

E 2.01 +  0.05!) log -aH29°< (8.19)

In lead accumulators use is made of concent rated solutions of sul
phuric acid, and therefore the activity of water , I ,
here and cannot he included in the ‘measured e m f  constant

I he current-producing processes lying at the basis „f I n (8 18) 
are in accord with the so-called theory or double sole! m;ou develo 
ped by f.ladslone and Tribe. According to this theory In 'I, elechod s 
are converted into lead sulphate on ‘discharge When !L y  ̂ S n e  
identical in chemical composition, i , when they are imih'lr-insfor- 
med to electrodes of the second kind. SOs-/l*bSO 1'h the cell
i!" i r s r 1 y f,n,ls,(lr "  i,,.*cro- ti*b d " ; „ , «. T r 1,1 'r'"1 •s,,l!»llillc -  is capable of adhering to the electrode 
•surface. I herefore, when a current flows in the opposite direct ion (if 
an external source of direct current is connected to the roll) the 
reactions proceed from right to left, recovering the initial current 
producing substances (metallic lend and lead dioxi I n U  •W  s 
process is complete, the electrochemical cell can a,‘ in ' f
a source of electrical energy, i.e.. it is canahle id r,mi l 
electrochemical accumulator of electrical energy These disclf iei'iiir

if .u 'e rS Z ^ so n .0 r™  f  ? "?w cl,nrBinB- accumulatorsiri llitrcfou sometimes called secondary cells, in contrast to orimarv
cal, f^useiT  hufm lce0 l l ) W,,icl, of ' 'a d  ions

The cell discussed above was the lirsl lead accumulator It was

zinc, ceils"(AndrT" (E,l,SOn)' nick«'-d'dmium (Jungner) ami silver-



Ch. 8. Electrochemical Systems

Complex Chemical Cells. Examples of this type of cells are the 
primary Danicll-Jakobi and Leclanche cells.

The Danicll-Jakobi cell may be schematically represented as

Zn/ZnS041 CuS04/Cu
The reaction taking place in the cell is

Zn -f- Cu2 + =  Zn2+ ~  Cu

The left-hand electrode, the negative pole of the cell, is reversibk- 
wilh respect to zinc ions, and the electrode on the right, the positive 
pole, with respect to copper ions. The emf of the cell is therefore 
determined by the ratio of the activities of copper and zinc ions:

li (8 .20)

In this cel! there is a boundary between the two solutions, across 
which a (biiusion potential is developed. The equations for the che
mical reaction and the emf of the Dnniell-Jnkobi cell are in fact more 
complicairn Ilian those given above. But since the mobilities of cop
per and zinc ions do not differ considerably and the concentrations 
of copper .:ml zinc sulphates are nearly equal, the diffusion potential 
plays no .'Mendicant part in the generation of an emf in this cell.

For tin' Leclanche cell

Zn/iNII.Cl, ZnCl2/.\fn02) C 
the probable current-producing reaction may be written as 

Zn -1- 2 M I4C1 +  2.Mii0 2 =  Zn(NII2)2Cl2 -f Mn20 3 II20  
The theory of the operation of the Lcclnnche cell has been insuffi
ciently worked out so far.

Double Chemical Cells. In double chemical cells two identical 
simple cells of different electrolyte activities have a common electrode 
and are thus electrically combined into a single cell via an electronic 
conductor. For example, two simple cells consisting of a silver- 
silver chloride and a hydrogen electrode each can be joined to form 
a double cell with a common hydrogen electrode:

I il
Ag, AgCl/HCl/H2, Pt, II2/HCl/AgCl. Ag 

<"l> («n>
The same reaction takes place in each single cell:

Ag +  1I+ +  Cl- =  AgCl +  y  II2
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but in opposite directions. If <n >  «n. I lien in the first cell the reac
tion proceeds from left to right, and in the second, from right to left:

Ag -  Hi Clf = AgCl -f 4- I f,
and

AgCl -- y  H2 =  Ag-j- rijf -- Clf,

The overall process is equivalent to the transfer of 1 g-ion of hydro
gen and 1 g-ion of chloride ions from the first cell to the second:

Iff Clf -  lift r  Gift 
though actually there is no transport m this svstein because of the 
absence of a boundary between the solutions, and the change in the 
amount of hydrochloric acid is caused not bv ion i ran.sport but by the 
chemical reactions taking place in the cell. Accoiding to the equation 
for the reaction involved, the emf of the cel! is given by

E = E° + - l l n — '■<» ,:l(1' (8.21)

Here E° is the standard emf and is equal in zero since the same 
reaction occurs in the two single cells but :i opposite directions. 
On one side of the hydrogen electrode (wind, :s common for both 
cells) the cathodic process 1I+ e = */2l 1-. I •! i s place, and on the 
other, the anodic process ‘/2112 =  I I+ -i- e. Sudi electrodes are called 
bipolar electrodes', they find wide use in the elect rnchemical industry. 
Taking into account that E =  E, — E tl and substituting the mean 
ionic activity of the acid for individual ionic activities, we can 
write, in place of (8.21),

£  = £ , - £ „ -  2 —  In ~ - -  iL (S.22)

A double chemical cell resembles a concentration cell of the second 
kind in the nature of the process involved and in the form of the 
equation for the emf. In double chemical cells, however, there is 
no liquid junction between the solutions and so the nuisance of diffu
sion potentials is avoided. A comparison of the emf of a double chemi
cal cell with that of a concentration cell of I he second kind with the 
same electrolyte enables determination of its transport numbers 
because in Eq. (8.10). ns distinct from Eq. (8.22). the prclogarithmir 
factor includes the transport number of the cation. By comparing 
the emf of a double chemical cell with that of the corresponding simple 
cell, one can find, with great accuracy, the standard potentials of 
its electrodes as well as the activity coefficients of the electrolytes.



Ch. H. Electrochemical Systems 203

Consider. as an ex.tinple. the use of double cells for dclennining 
the standard potential of a silver-silver chloride electrode and the 
mean activity coefficient for hydrochloric acid. Suppose that the 
activities of the hydrogen and chloride ions in cell I and hence the 
mean activity of the hydrochloric, acid are equal to unity, and the 
hydrogen gas pressure is one ulrnosphorc. The emf of this cell will 
correspond to its standard emf. which is equal to the difference bet
ween the standard potentials of the hydrogen and silver-silver chlo
ride electrodes1':

E,  =  /s'? =  CHt/ii, — c?:i-/Aitci. Ag (8.23)
but eiif/n, =  0 and therefore

E | =  — 8ct-/AgCl. At

The total emf of a double cell is determined in this case by the equa-

Taking into account that
a ± =  m±/±

one can write, in place of Eq. (8.24),

-fJci-./A,;:;. A f- E „  = - 2 In m±Ilcl(II)- 2 - ^ -  ln /±Hci(I|1 («-25) 

or, rearranging,

eci-/ABCi. Ag “  ̂  —j r  *n /±nci,m =  — E n  +  2 In ro±Hci„„ (8.2fi)

The value of /?,, at different molalities of the solution. »i±hci(h). 
is obtained bv direct measurement of the emf of a simple chemical 
cell2'

Pt, I-I2/I-ICl/AgCI, Ag

The value of the right-hand side of Eq. (8.2G) may therefore be regar
ded as known for any molality m.i irct(u j: at any value of ni . the

*> The equilibrium potential of the silver-silver chloride electrode on the 
hydrogen scale is defined as the emf of the cell 1*1. H-/HCI/AgCl, Ag. This nota
tion is reversed for cell t, i.e.. the hydrogen electrode potential is expressed with 
respect to the silver-silver chloride electrode, this leading to Eq. (8.23).

The emf of electrochemical cells is usually measured by the Poggendorff 
compensation method. Tho principle of this method is explained in textbooks 
on physical chemistry. A detailed description ran be found in manuals on physi
cal chemistry and electrochemistry.
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j»v> ssies of Eq. (8.26) nre eqiinl. If the (| unnlitv 
- I H T F  In m±ncj(II)) =  £ii is plotted against m^ct,,,,,

* carve will result similar to the one given in Fig. 8.1. Extrapolation
;>.is carve up to its intersection with the ordinate yields the value

*  cot- since as m . 0 the quantity  j ± lends to unity and
leg -_ 0 and. hence, the left-hand side of F,q. (8.26) will be equal

Fig. 5.1. The graphical determination of the standard potential of a silver- 
silver chloride electrode from changes in the vui ' s of chemical cells

to the standard potential of the silver-silver chloride electrode on the 
hydrogen scale. At 25=C the value of the standard potential of the 
silver-silver chloride electrode obtained in this way is

eci-/Agci..\B =  0.2224 ±  0.0001 ti V

Now that the value of the standard potential of the silver-silver 
chloride electrode is known, one can find the ionic activity for hydro
chloric acid by using the equations for the einf of a simple chemical 
cell and the potential of the silver-silver chloride electrode. Since 
the relation between the cell cmf and the molality of the electrolyte 
is not linear, for exact extrapolation one has to measure the value 
of einf in very dilute solutions. The solutions used shall be pure 
and the experiment must be carried out very carefully. Other methods 
of extrapolation have been proposed which make use of the theore
tical or empirical equations for the activity coefficient. This enables 
one to avoid the difficulties indicated and to restrict himself to measu
rements of (he cmf in not very dilute solutions.

Many of the standard potentials listed in Table 7.2 have been 
determined by this method. In those cases when direct measurement 
was impossible, the values were found from Ihenuochemical data.
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8.3. POTKNTIOMETRY

I’olenliomelry. like conductometry. is an electrochemical method 
of analysis widely used in scientific research and in control of various 
technological processes. It is based on the dependence of electrode 
potentials on the composition of the solution. As distinct from the 
conductometric method, the polenliomelric technique is used to 
measure a specific properly of solutions —the activity of a given ionic 
species. It should he kept in mind however that the activity of ions 
of a given type depends not only on their concentration hut also 
on the ionic strength of the solution, i.e., on its general composition. 
In this sense, activity, like electrical conductance, is an integral 
property of the solution.

The polenliomelric method can he used to determine not only 
the activity of the ions present in a given solution under given condi
tions. hut also the total concentration of these species, no matter 
whether they are present as free ions or make part of the correspond
ing compounds. In the first case one speaks of direct polenliometry 
(ionomelry). and in the second, of polenliomelric titrations. Combin
ing the r esul ts obtained by the two methods, one can determine the 
dissociation constant of a given electrolyte. For example, in an aque
ous solu< - mi of acetic acid, as a result of incomplete electrolytic dis
sociation

CH3COOH =  CH,COO- 4- H + 
part of I lie acid is present in the ionized stale and the other part 
in the form of undissociated molecules. Direct polenliometry. or 
ionomel ry, yields data on the content of free hydrogen ions and hence 
the concentration of dissociated molecules of acelic acid. In polcnlio- 
melric titration, which is conducted in much the same way as ordi
nary volumetric titration except that the electrode potential is used 
as indicator, the hydrogen ions are made to combine into water by 
adding hydroxyl ions, and the equilibrium of the dissociation reac
tion is shifted to the right until all the acid is titrated.

In direct potentiometry. use is made of electrodes of accurately 
known standard potential which are strictly reversible with respect 
to the ionic species to be determined. For example, to measure the 
hydrogen ion concentration (pH value) one should make use of such 
indicator electrodes as the hydrogen, quinhydronc or glass electrode: 
with certain conditions observed and in u definite range of pH each 
of these electrodes strictly obeys the equation 

e =  e° — 6° pH
Metal-metal oxide electrodes (e.g. the antimony electrode) cau also 
be used for pH measurements provided they have beeu calibrated 
against buffer solutions of known pITl>. The second electrode (the

11 A class elect mile must also lie calibrated.
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reference or comparison) is usually a half-cell of known potential, 
say, the hydrogen or calomel electrode. Measures must be taken to 
eliminate possible diffusion potentials so that the measured end 
corresponds only to the potential difference between the indicator 
electrode and the reference electrode.

In polenliometric titrations, indicator electrodes need not meet 
the above requirements. In this case electrodes must only provide 
a regular change of the potential with concentration of the ions intro
duced or to be determined. The reference electrode may be either the 
internal or the external electrode immersed, together with the indi
cator electrode, in the test solution. It is necessary that the potential 
of the reference electrode either remain constant during titration 
or change differently from that of the indicator electrode. Since 
in potcntiomctric titrations the potential of the indicator electrode 
need not be determined, no measures are taken to eliminate diffusion 
potentials.

The principle of potcntiomctric titrations may be illustrated by the 
following example. Suppose a solution of hydrochloric acid is to be 
titrated with a solution of sodium hydroxide. By measuring the 
potential of the indicator electrode one can (assuming that the con
centrations are equal to the activities and neglecting the effect of 
cleclroslriclion) trace the variation of the hy.irogen ion concentration 
during (he titration. It can be seen from i';g. 8.2 that the greatest 
change of the indicator electrode potential is observed near the equi
valence point. The point of inflection on the potcntiomctric titration 
curve corresponds to the volume of alkaline solution required for 
the acid to be completely neutralized. If polenliometric titration 
is carried out with an external reference elect rode (or with a reference 
electrode dipped into the titrate, provided that its potential under
goes no change during the titration), curve 1 in Fig. 8.2 will corre
spond to the change of the emf of the electrode pair (the indicator 
and the reference electrode). But if the potential of the internal refe
rence electrode does not remain constant in the course of titration 
and changes, for example, in accord with curve 2, then the emf of 
such a pair of electrodes will vary according to curve 3. The highest 
value of emf is observed near the equivalence point and a maximum 
indicating the end point of titration will appear on curve.). With 
such systems one can, instead of using a potentiometer to record the 
emf, directly measure the current intensity (noncompensation poten- 
liomclric titration). The greatest deflection of the pointer of the 
measuring instrument (c.g. a high-ohmic galvanometer) coincides 
with the maximum value of emf and hence with the equivalence 
point. The potential jump near tile equivalence point in acidimetric 
titrations is the more pronounced, the higher the strengths of the 
acid and base taking part in the neutralization reaction and the higher 
their concentrations.



Ch. 8. Electrochemical Systems 207

In a similar way, one can carry out titrations hosed on precipita
tion, complex-formation and redox reactions. In the case of precipi
tation and complex-forming reactions the indicator electrode must 
be reversible with respect to one of the ionic species present in the 
precipitate or complex ion formed. For example, in the titration of 
a solution of silver nitrate with sodium chloride resulting in the for
mation of a silver chloride precipitate, the following electrodes may 
be used as an indicator electrode: metallic silver (an electrode of the

first kind reversible with respect to Ag* ions); the silver-silver chlo
ride electrode (an electrode of the second kind reversible with respect 
to C l' ions): or the chlorine electrode (a gas electrode reversible with 
respect to C l' ions), which is less convenient to use. The potential 
change near the equivalence point, i.e.. the accuracy, orsensilivity. 
of the titration will in this case iucrease with decreasing solubility 
of the precipitate formed. For iustauce. when silver ions are titrated 
with iodide ions, the sensitivity of the method will increase in com
parison with the reaction just considered because the solubility of 
silver iodide (K AgI =  lO '14) is lower than that of silver chloride 
(A'asci =  I O '10).

In polenliomelric titrations based oil complex formation the accu
racy of the method increases with decreasing dissociation constant 
(instability constant) of the complex ion formed. In oxidiinetric 
titrations a smooth platinum plate is used as indicator electrode. 
The potential change near the equivalence point and hence the sen
sitivity of the titration increases with increasing difference in the 
standard potentials of the redox systems in the lost solution (titrate) 
and in the standard solution flitranl).
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Aii advantage of potentiometric titrations over the conventional 
volnmelric titration is its objectivity and applicability in the ana
lysis of coloured solutions. Moreover, one can follow the course of I lie 
titration and all possible transformations by measuring changes of 
electrode potential. And. finally, one can determine potentiometri- 
callv two (in some cases even three) species of particles—molecules 
or ions—simultaneously present in the solution. When employed for 
production control and automatic control of technological processes, 
polentiomclry again has a number of additional advantages over 
other techniques. It provides uninterrupted control since the 
indicator electrode can be placed directly into the reaction space. 
Besides, the potential difference (or the current intensity determined 
by it) serves as a signal indicating a change in the stale of the system 
being controlled, which is convenient for transmitting the signal 
to controllers and actuating mechanisms.



CHAPTER 9

The Mechanism of Buildup 
of Electromotive Force and the Nature 

of Electrode Potentials

Tllt, ii ;< |tl iciiI ion of t tic laws of thermodynamics to electrochemical 
systems enables one to establish a quantitative relationship between 
liie electrical energy of electrochemical systems and the change of the 
chemical energy of the current-producing chemical reactions taking 
place in these systems. The chemical energy of current-producing 
reactions as a source of electrical energy in electrochemical systems 
is correctly defined by thermodynamics. Hut. being a science dealing 
with general laws, thermodynamics is incapable of indicating the 
paths ami mechanism of conversion of chemical energy into electrical, 
the pai ls ni which the value of emf is composed, and the nature of 
the electrode potential.

A more complete picture of electrode equilibrium can be obtained 
by applying, along with thermodynamics, the molecular-kinetic 
theory I-., electrochemical systems.

0.1. ELECTROMOTIVE FORCE AND ELECTRODE POTENTIAL 
AS Till- SUMS OF INDIVIDUAL POTENTIAL DIFFERENCES

•i.l.I. POTENTIAL DIFFERENCES IN ELECTROCHEMICAL 
SYSTEMS

Potential differences may arise across the boundary between any 
two phases, though the mechanism of their formation is not neces
sarily I Im same in each particular case and is dependent on the nature 
of contiguous phases. An electrochemical system (Fig. 9.1) may con
tain the following phases:

(a) solid metallic phases—two electrodes and the external circuit;
(b) liquid phases—solutions in contact with the electrodes: there 

may lie cither two phases when the electrolyte is dissolved in two 
immiscible solvents, or a single phase when one solvent (e.g. water)

(c) a gas phase in contact with the solutions and electrodes (a phase 
resembling vacuum in properties).

As is known, the potential difference between two points is defined 
by the electrical work required to transport a unit charge from one 
point to the other. If both points are in the same phase, the work
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of charge transfer will be only electrical and the potential between 
the two points selected can be determined. But if the points are 
in two different phases, the transfer of a unit charge from one point 
to the other will involve not only electrical but also chemical work 
since the chemical potentials of this charged species are not equal in

the different phases. The energy stale of the charged particle i- 
.°rei cha? ? len1zcd a general case by the sum of the chemical 

potential and its electrical energy in a given phase:
P«i> =  P ±  zFg (9.i)

The quantity p,cA is called the electrochemical potential, ami a cor
responds to the potential difference between a point inside the male- 

P?l“l C1 an j Dfinile distance in vacuum. The equi
librium condition for charged particles in a two-phase sv*lem with 
phases 1 and 2 will be the equality of their electrochemicai potentials 

I***! =  I***, (9.2'
« n n » !rk ,nf lr.a"sporlin8 “ unit char8e tro"' Phase 1 to phase 2 is 
phases-10 th° dlffcrcnce of ils e*ectrocheinical potentials in these

-  P«h, =  Pi — p2 ±  (zFgt — zFg?) (0.:j»
^ndertCqiiilibrium conditions, according to Eq. (9.2). this work is

Since in a real process of transport of a unit charge from one phase 
U i l f 6'  ch“m!C , and ?lcctricnl work is done simultaneous! v. it is only possible to determine the total energy effect corresponding
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lo the change of (lie electrochemical potential, but not its constituent 
parts. For this reason the absolute difference of electrical poten
tials (or the potential drop between two different phases) has not yet 
been measured experimentally. By contrast, the emf of an electroche
mical system, or cell. E is readily measurable since it corresponds to 
the potential difference between two points within the same phase- 
cay points b and q within the same metal or a and r in a vacuum 
near the metal surface (Fig. 9.1). Figure 9.1 shows an open-circuit 
electrochemical cell with two pieces of the same metal at both ends. 
If the emf is considered positive, a positive current must flow along 
the path Ah M, ->■ L, L- M-, i.c., in the counterclockwise 
direction. The emf of the cell is equal to the sum of all the potential 
differences arising along the entire path of current flow. These poten
tial differences may arise across boundaries between any two phases; 
in the case under consideration they will be localized between the 
points a and 6, c and d. e and /, I and m, n and p, and q and r.

Before plunging into a discussion of the nature of these potential 
differences it is necessary to introduce the concepts used in electro
chemical literature today.

The surface potential x defined as a potential representing the 
work required to carry a unit positive charge from the interior of the 
phase to a point in vacuum situated in the immediate vicinity of the 
surface of the given phase. The phrase “in the immediate vicinity" 
should not be taken in the strict sense; it is usually quantified as the 
minimal distance from the surface of the given phase at which the 
so-called image forces cease lo operate; this distance is approximately 
10"‘ cm. The internal, or inner, potential g is identified as a potential 
difference corresponding to the work done to bring a unit negative 
charge from infinity in vacuum into the bulk of the material phase. 
And. finally, the external, or outer, potential x represents the work 
necessary to carry a unit negative charge from infinity to a point 
also in vacuum but situated in the immediate vicinity of the surface- 
of the phase. In line with the definition, one can write for a phase-

e» =  x» + (9.4)-
The relations between all the above potentials can be conveniently 

■presented by the following system of equation:
pj) +  z,F/e +  z,Fyfftt - pica <S) (9.5)>

Pa +  ztF7.9 =  “ a (9.6)
’b  +  7.9 =  89 (9.7)

®a +  zi^ ts  =  P«a <»> (9.8)
Pa +  z,Fgf, =  pica (a> (9.9)

14*
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From Eqs. (9.5) to (9.9) it follows that the chemical ix, electroche
mical and real a potentials (see below) have the dimensions of 
energy, eV, while the surface x, external i|>, and internal g potentials 
are expressed in units of electrical potentials. V. In accordance with 
the system of equations given above, the definitions of potentials can 
be somewhat modified and explained. The electrochemical potential 
picA(S) is the total energy of transfer of a charged species i from 
infinity to a point in the interior of the phase p. The chemical poten
tial uj is the energy of interaction of a charged particle i in the bulk 
of the phase P with the particles forming that phase. The surface 
potential xo is defined as a measure of the change in the energy of the 
charged particle i on passing through the double dipole laver on the 
surface of phase p The external potential %  is a measure of the change 
in the energy of the charged particle i caused bv its interaction with 
the free charge of phase p. The real and internal potentials are deriva
tives of p and x or ̂  and x- respectively, and their physical meaning 
is clear from Eqs. (9.6) and (9.7). b

The potential differences between the points a and b, and o and r 
should be ascribed to the surface potentials between metal M and 
vacuum V; they may be designated, respective!v. as yVM and 
Xmsy; naturally 5

Zvm, =  — Xm,v

The potential difference between the points c and d inside the metallic 
phases M2 and M, is the difference of the corresponding internal 
potentials, gMtMl. The points e - f  and n - p  are the sites where the 
differences of internal potentials metal-solution (M,-L,) and solu
tion-metal (Lj-Mj) are localized. These potential differences should 
be denoted, respectively, by gMlLl and The difference ol
internal potentials is called the Galvani potential, gLM potentials 
are often called Nernst potentials and designated by e, like the ele
ctrode potential, though actually their physical meaning is different. 
The difference in the external potentials of the phases a and P is 
called the Volta potential >fa#. For example, the potential difference 
between the points a and B is the Volta potential across the boundarv 
between the metals M, and M2, i.e.. the quantilv i|>M and the 
potential difference between the points B and C is the' Volta potential. 
thitLi- across the metal-solution (M,-L,) interface.

Finally, the potential difference between the points I and ni i« the 
Galvani potential across the solution-solution (L,-L,) interface and 
the symbol used is gu u  . Here two cases should be distinguished. 
If the solutions /,, and L2 correspond to two different immiscible 
solvents, then gu u  is the Galvani potential between two liquids 
or the liquid junction potential. But if the solutions L, and L, 
differ from each other in the nature or concentration of the electro-
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lylc. and not in llic nature of the solvent, the potential is known as 
the diffusion potential; it is designated i|)j.

Thus, the emf of an electrochemical system, or cell, islhesumof (lie 
following potential differences:

E = Zvm, + g.M,Mi +  £miLi +  S u u  gu»i + lfM*v 
or. after the terms equal in magnitude but opposite in sign are can
celled out,

E --= gM,M, -r tfMlU +  gL,L; +  gV&l 
Hence, the cmf of an electrochemical cell is composed of the follow
ing four potential differences: the Galvani potential between two 
metals, two Nernsl potentials, and the Galvani potential between 
two solutions. In many electrochemical systems the liquid junction 
potential gUL, is either absent or may be reduced to a minimum. 
So it is not an inevitable consequence of the nature of an electro
chemical system and necessary component of its emf. The emf is 
therefore usually expressed as the sum of three potential differences:

E =  g.M,Mi +  gut§ + glut (9.12)
In modern electrochemistry, the electrode potential e is identified 

with the emf of a cell in which the electrode on the left is an >rlb 
(standard hvdrogen electrode), whose potential is conventionally 
taki ii as zero, and that on the right, the electrode whose potential 
is to be determined. In our case the left-hand electrode (or metal 1) 
is platinum. The emf of the cell (as well as the electrode potential 
of metal 2) is expressed as

esii+zM- =  — i?LU: — £LPt(U:l (9. 13)
Thus, the electrode potential e (just as the emf E) consists of three 
potential differences and includes the Galvani potential across the 
boundary between the electrode metal 2 and the platinum.

The emf of the cell is the difference of the potentials of the left- 
hand (M.) and right-hand (M,) electrodes, i. e.,

E =  er — e( 
or, taking into account Eq. (9.13),

E =  er — ej =  g>i,sit -f gLMS — gt.vi (9.14)

gjIjPt — guiPt =
Equations (7.17) and (9.12) provide two different ways for expres

sing the emf, and show that the cell emf, being the difference of two 
electrode potentials, is at the same time a sum of three Galvani poten
tials.
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9.1.2. klixthomotivi'; i-'oucio 
AND KUiCTIlODB POTENTIAL AS ■ 

OK VOLTA POTKN'l lALo

The consideration of single polciitiiil differe 
sysloms lends lo llie conclusion that mucin 
idcnlicul in llioir physical nature. The eleoln 
reactions described by I be scheme

■iiccs in electrochemical 
ode potentials lire not 
ode potenlinls of redox

lted, Ox/Pl
do not include the contact potential difference In 
and nro therefore simpler Ilian, say, the potentials 
first kind

M«+/M

een two metals 
leclrodes of tile

which inevitably contain the (lalvani potential geuu- I be potentials 
of gas electrodes arc also determined solely by Nernsl potential diffe
rences, whilo those of electrodes of the second kind arc composed 
of contact as well ns Nernsl potentials.

The nature of the single potential differences across the interfaces 
of electrochemical systems, or their number, may serve as the basis 
for their classification. Either classification (in ., either that based 
on tho nature of the process and the form of the einf equation or that 
based on tho number of potential differences constituting the cmf) 
yields approximately the snrao distribution of cells between the 
various types. For example, complex (double) chemical cells involve 
the largest number of single potential differences, while the cmf of 
a concentration gas cell is composed of two Nernsl potentials.

The breakdown of the cmf into single potential differences yields 
additional information on the nature of electrochemical systems. 
But the basic equation (9.12) connecting the emf with potential 
differences cannot be considered satisfactory. The actually measurable 
cmf is expressed here as the sum of Galvani potentials, each between 
two points in different phases and therefore inaccessible lo direct 
measurement or determination. For equilibrium electrochemical 
systems this uncertainty can be eliminated if one takes into account 
that the change in the energy of a system in reversible processes is 
determined by its final and initial stales and is independent of the 
mode of transition from one slate to the other. In view of this the 
direct contact between the phases constituting an electrochemical 
/rvtCIJ! i360 may *)e reP*acc(l by contact through a vacuum
(Fig. 9.2). As seen from Fig. 9.2, which contains onlv one solution L, 
the emf of the system should be written as the’ sum

E = X V 2 + 7.2V +  +21 +  Xvi 4- Xi¥ +  H>,L +  Xv l  +  Xlv +
+  t i . :  +  y.V2 +  Xiv (9.15)
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Taking inlo account lliat for any potential difference an equation of 
t lie tvpe

'Pall =  - ^ f a  
holds good, we gel1', in place of Eq. (9.15),

E =  *2, +  *;.2 -  * 1.1 (9-16)
The emf of I he system is now composed of three Volta potentials, 
each of which, like (he emf ilself. is a direclly measurable qitanlily:

they all represent the electrical work done to transport a unit charge 
between the corresponding points within the same phase. Equation 
(9.16) can also be obtained from the arrangement shown in Mg. J.l 
if a unit charge is carried along the path aBCDr and the solutions 
L, and L- are assumed to be identical, i.e.. *co -
The electrode potential on the arbitrary hydrogen scale can also be 
expressed by Eq. (9.16) provided that metal 1 is taken to mean pla
tinum saturated with hydrogen at atmospheric pressure and dipped 
into a solution with a hydrogen ion activity aH* -  1 alJd the 
quantity is the Volta potential corresponding to the hydrogen 
electrode.

The bringing of two phases into direct contact changes the values oleo 
sponding surlaco potentials, but this doos not inMuidale Efl*
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ll  should be stressed that the experimentally accessible emf cor
responds to the difference of inner potentials of points in two pieces 
of the same metal connected to the electrodes of an electrochemical 
cell (the points b and q in Mi and M'. respectively in Fig. 51.1):

E = g b -  gq =  £m„ — g>i; (9.17)

As noted earlier, the difference of inner potentials cannot he deter
mined in a general case, but since .\I2 and Mj are of the same chemical 
composition, their chemical potentials arc equal, i.c., u.m, =  u.m;. 
and Eq. (9.17) may be replaced by

E = gMt - g v  +  ̂ - -  = -  0w,(M2> -P«m m o) (9.18)

According to Eq. (9.18), the emf is the difference of the electroche
mical potentials of an elementary charged particle in M; and Mj,
i.c., a directly measurable quantity. For the case under examination 
Xmj =  '/si; and

E =  gbu — gsi- =  if-M, +  '/m2 — (s|.m- -f- Z.sij) -

=  T.m, -  (9.19)
that is, the emf is equal to the difference of external potentials near 
two metallic phases of the same chemical com position (the points 
a and r in Fig. 9.1), which can also be measured.

Thus, the emf of an open-circuit electrochemical cell is given by the 
equation

£  =  «  I’m,*' -  -jr (M«c/i<mj) -  «••• m.m< )) (9.20)
Equation (9.20) is valid also for an electrochemical cell which'is 

not at equilibrium, provided that the surface and chemical potentials 
of the phase are independent of its free charge.

9.1.3. TIIK PHYSICAL AND CHEMICAL THEORIES 
OF THE ORIGIN OF ELECTROMOTIVE FORCE 

IN ELECTROCHEMICAL SYSTEMS

The magnitude of electrode potential does not in general coincide 
with the Ncrnsl potential, nor with the difference in the Xernst 
potentials of a metal and electrode 1I+/H 2, I’t since it includes also 
the coninci potential bclwcon Ihc given metal and llte platinum. 
For this reason Ihc concept of electrode polcnlial is more eomplica- 
ted than the concept of the potential difference across an electrode- 
solution interface and cannot be reduced to it. The so-called physical 
theory of electrochemical systems formulated by Volta at the beginn- 
mg of last century placed special emphasis on the contact between
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l\vo dissimilar metals. According to this theory, (he emf of an electro
chemical system is taken as equal to the Volin potential hetween 
two dissimilar metals, and the Volta potential difference across 
a metal-solution interface as equal to zero. The generation of a current

<4;

trims it ionfrom ' a' sysloni consisting of two metals («) *lo n system consisting 
of the same metals with an added separating solution Inver {D

in an electrochemical cell is explained us follows. If two dissimilar 
metals are brought into direct contact (Fig. 9.3a), no emf will be 
formed since

E =  I|'M, -  =  'I’.MJ.M, +  thl.M, =  'f.MlM, -  tl’MjM, =  (»

But if direct conluct between the two metals at the boundary .1 is 
replaced by contact through a current-conducting solution (see 
Fig. 0.3/)), the emf of the cell will be equal to

E =  'I’M, — 'I’M: =  'I’.M-M, -I- 'I'm,!. +  '|>LM, =  'I’MJM =  'I'M. M,

't»M,L =  0 and 'I'i.m, =  0

As a result, an electric current will flow through the cell, i.e., the 
cell will produce electrical energy.
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The Volta theory ignores the Nornsl potential difference and thus 
cannot account for tho dependence of the oinf on the electrolyte con
centration. Besides, it contradicts the basic law of Ihormodynamics- 
thc law of conservation of energy—by postulating that energy arises 
out of the mere existence of an invariant potential difference between 
Uvo metals, that is, out of nothing. The physical theory of Volta 
was crilisizcd soon after it was created. In 1805 Hitler advanced his 
views, which wore later developed by other scientists into the che
mical theory of electromotive force. According to this theory, which 
was most thoroughly elaborated in the works of Nernsl and Oslwald. 
in electrochemical systems electrical energy is produced by the che
mical reactions taking place at the electrode-electrolyte interface, 
inc chemical theory thus provides a correct definition of the source 
of electricity in electrochemical systems. It forms the basis of the 
quantitative thermodynamic expressions for electromotive force and 
electrode potentials considered earlier. Following this theory, 
I isarzhevsky established a distinction between chemical and electro
chemical processes and formulated a set of conditions necessary for 
chemical energy to be converted to electrical energy. At the same 
time the chemical theory assumes that the emf of an electrochemical 
system is only composed of two potential differences across the inter
faces at which current-producing chemical reactions occur, i.c.. 
across electrode-electrolyte interfaces. It neglects the contribution 
of the potential difference at the metal-metal junction to the emf. 
Electrode potentials are identified with potential differences across 
the electrode-solution interface, and the emf is mvon by

E =  ?lm, -  &lmi (9.21)

Now we know that these conceptions of the chemical theory are 
'? H,r.uc’ an! lb?t1ln1-£Cl lhe emf of an electrochemical system consists ot three potential differences.
, J ' ,?.rffelallon existing between electromotive force and single poten
tial differences can be illustrated by considering, as an example. 
“nl..ti«C l r e SyStem consistine of two metals immersed in solutions of their current-conducting compounds:

m;, M,/M,A//M2A/M2

The emf of the cell is determined by Eq. (9.16):

E =  %,&!, +

P°tenlial al lhe boundary between the two solu- 
tions has been elimiMled. If the potential differencesi|>L„. andU)IMl
S  mT " ?  Cd. m S°me mcans (say’ by A c t in g  solutions M,A 

of.su!table composition), then, contrary to the conceptions 
of the chemical theory, the emf of the cell will be equal to the Volta
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potential at the metal-metal interface, and not to zero‘>:
E = Er — e( =  TmiMi (9.22)

Equation (9.22) underlies the parallelism discovered by Langmuir 
in 1917 between the cmf of chemical cells and the contact polenLial 
difference across the metal-metal interface in these cells. If the 
composition of solutions M,A and \12A is altered, two additional 
potential differences. mi1<* ’Pi.Mr w*  ̂ appear, contributing
to the emf in accordance with Eq. (9.16).

There arc, however, electrochemical systems, say, a simple chemical 
cell with gas electrodes

Pt, H,/H20 /0 2, PI 
in which there is no contact between the two dissimilar metals, 
and hence, the contact potential gUlm( makes no contribution to the 
emf. The cmf of such systems is given by Eq. (9.21). which follows 
from the chemical theory. The presence of a contact potential between 
the two different metals is not thus a prerequisite for the appearance 
of an emf and the production of energy in electrochemical systems. 
Contrary to the conceptions of the physical theory, electrical energy 
can be obtained from an electrochemical cell with electrodes made 
of the same metal.

9.1.4. THE NATURE OF POTENTIAL DIFFERENCES 
ACROSS PHASE BOUNDARIES 

A potential difference across an interface between two phases is 
produced by various factors, largely depending on the nature of the 
contiguous phases. One of the more general causes is an exchange 
of charges. At the moment the two phases arc brought into contact, 
charges start leaking across the interface predominantly in one direc
tion, this resulting in an excess of charge of a given sign on one side 
of the interface and a deficiency of them on the other. Such an uncom
pensated exchange results in the formation of an electrical double 
layer and hence gives rise to a potential difference. The latter will 
in 'turn influence the kinetics of charge exchange, tending to level 
out the rales of transfer of charged particles in both directions. As the 
potential difference increases there will come a moment when no 
preferred transfer of charged particles from one phase to the other 
will occur and their velocities in both directions will become equal. 
This value of potential difference corresponds to an equilibrium bet
ween the phases at which the electrochemical potentials of the charged

*> Electrode potentials corresponding to such experimentally realizable 
ondilions were named by A. Frumkin potentials of sero charge-, he nolod that
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particles in the two phases are equal. Moth positive ami negative 
ions and also electrons may be involved in the charge exchange bet
ween the two phases. Which of these particles go from one phase to 
the other and are thus responsible for the appearance of a potential 
difference depends on the nature of the contiguous phases. For inter
faces between a metal and a vacuum or between two different metals 
electrons usually play the role of such particles. With an interface 
between a metal and a solution of its salt the cations of I lie metal 
lake part in the exchange. A potential difference across the interface 
between glass and a solution or between an ion-exchange resin and

polar molecules

a solution arises from an exchange involving two species of like- 
charged ions. The particles exchanged at a glass-solution interface 
or at the boundary between a cation-exchange resin ami a solution 
are ions of an alkali metal and hydrogen; for interfaces between an 
anion-exchange resin and a solution it is a hvdroxvl ion and some 
other anion. When two immiscible liquids in which one and the same 
electrolyte is dissolved are brought into contact, a potential difference 
develops as a result of a nonequivalcnl transfer of oppositely charged 
ions of the electrolyte from the one phase to the other, a s 'with the 
diffusion polenUal. I hus. neither the liquid-junclion nor t lie d i ffusion 
potential is an equilibrium potential.

Another cause responsible for the development of potentials 
is the preferred (selective) adsorption of ions of one sim, near the 
phase boundary. In this case one of the phases is impermeable to 
interfile / 10 P°.ti0n.'lla dllJcronco is localized not on both sides of the 

l S r l n  T ,  ! h° C*chan8e mechanism of formation of a polen- 
ial difference) but inside one of the phases, in the immediate vici- 

med 9•/*“)• A typical example of potential for-
Thc absolute lei aniS1I' is. . l le bolenl ial at a solution-gas interface, 
red hnl nn ,Ue °- 1 lls Potcnl*al difference cannot be mcasu- 
Ihoim lb" I " '0 ,tS Varia,i0M wi,h composition of the solution, 
measurementsinvolves considerable experimental difficulties. Such 
Frumkin nn, i Cr? calT1Cf* 01,1 by Gouy, Quincke, and also by 

workers. It has been found that (he strongest tendency
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towards .selective adsorption is usually displayed by anions. There
fore. the negative charge sheet of the double layer formed is often, 
though not always, situated closer lo the interface and the positive 
sheet, away from it, in the hulk of the solution.

A third possible factor responsible for the appearance of a potential 
difference is associated with the tendency of polar uncharged particles 
towards oriented adsorption near the boundary between two phases. 
In oriented adsorption one of the ends of the dipole of a polar molecule 
faces I lie interface and the other, the phase to which the given mole
cule belongs (Fig. 9.46). The value of the potential depends on the 
number of adsorbed molecules, their dipole moment and degree of 
oriental ion. If only one of the two contiguous phases is polar, 
a double layer will form on that side of the interface within the given 
phase: no potential difference will develop in the other, nonpolar 
phase. But if both phases are polar, an electrical double layer and 
the corresponding potential difference will appear in each phase near 
the phase boundary.

The role of polar particles (the oriented adsorption of which gives 
rise In a potential) can be played by molecules of both solute and 
solveni provided they are capable of being selectively adsorbed at 
the phase boundary. As the concentration of these substances increases, 
the pniential difference is observed to increase gradually up to a cer
tain limiting value, which will no longer change upon further addi
tion uf a surface-active substance. This limiting value corresponds 
lo the saturation of the surface layer with polar molecules.

The development of a potential difference across the phase boun
dary cannot be attributed, in a general case, lo any one of the Tuctors 
quoted above; it arises, as a rule, from the combined effect of several 
parallel processes. The Galvani potential between two phases 
a  and fl may therefore be represented, following Lange, ns the sum 
of three potentials:

gap = 8,i + 8> +  gdlp (9.23)
where g,, =  potential due to the transfer of charged particles from 

the one phase to the other 
gs =  potential arising from specific (or contact) adsorption 

of ions
t!„iP =  dipole potential resulting from oriented adsorption of 

polar molecules at the phase boundary.
From Fq. (9.23) it follows that if there is no exchange of charged 

particles, there remains a potential difference associated with adsorp
tion of ions and dipoles:

8a» =  8. +  gdip (9-24)

And if, in addition, specific (or contact) adsorption of ions is excluded, 
there will still remain the potential difference arising from oriented
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adsorption of polar molecules:

ga» =  gatp (9-25)
Only in the absence of all the three effects (or in the case of their 
mutual compensation) will the potential difference between the two 
phases be equal to zero.

9.2. THE THEORY OF FORMATION 
OF ELECTRODE POTENTIALS 

An electrode potential is a very complex quantity composed of 
three single potential differences: the potential difference at the 
electrode metal-platinum interface, and the metal-solution and pla
tinum-solution potential differences. The theory of development 
of electrode potentials must therefore be based on definite conceptions 
of the nature of both the contact potential between the two metals 
and the potential difference across the metal-solution interface.

9.2.1. THE CONTACT POTENTIAL AT THE BOUNDARY 
BETWEEN TWO METALS 

The relation existing between the Volta and Galvani potentials 
can be found by using the rule, according to which the sum of all 

the works of transferring a unit 
Yif charge along a closed path is

zero. Hence, the total work ne
cessary to transfer an electron 
across two contiguous metals in 
vacuum along the path indica
ted in Fig. 9.o must also be equal 
to zero, i.o..

Xvi +  ga  — Z - r  i|>2i =  0

gu  =  i|>i2 -r Z,v +  */.v2 (9.26)
according to Kq. (9.4). which is 
applicable to two phases.

Thus, the Galvani potential 
Fig. 9.5. Relation between the Volta between two phases is equal to 

and Galvani potentials tile Volta potential plus the sum
of the two surface potential 

differences. Equation (9.26) may be regarded as the generalized 
form of Eq. (9.4) for a single phase.

The work necessary to bring a particle i of charge zF from one 
phase to the other is known to be defined by the difference of thecle-
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clrochcmicnl potentials of llinl charged particle in iwo phases, for 
example, by the difference pi,*, — p«i,a for the phases 1 and 2 
(Fig. 9.5).

Using Eq. (9.9.), one can write:

P-cchi — M«a2 =  p| -  pj +  z,Fgx2 (9.27)

where pj and pi =  chemical potentials of particle i in phases /  and 2 
gt2 =  Galvnni potential at (he boundary between 

these phases.
Substituting the value of g,* from Eq. (9.26) into Eq. (9.27), one has 

P « a, -  M«a, =  Ml -  Mi +  z.Fxiv — h P /tv  +  z.F<|;,2 (9.28)
For the boundary between each of these phases, ;. and vacuum, the 
following equation holds:

picA/ =  Pj +  Z/F'/j +  ZiF^j (9.29)

The electrochemical potential of a particle t in phase; as well as its 
external potential if); can be measured experimentally. The difference 
of these potentials, which is equal to the sum of the chemical and 
surface potentials

P « a/  -  =  pj +  z,Fx, (9.30)

can also be measured. The quantity pj +  z,F-/j is known as the real 
potential a) of a particle i in phase;:

Mj +  *|Fx/ =  «; (9-30
The real potential is equal in magnitude and opposite in sign to 

the work done to cnrry a particle t from a phase ; into vacuum, to 
a point in the immediate neighbourhood of the surface of the phase;. 
This work is called the work function (or exit work) of the particle 
i and is denoted by the letter w

0)j =  —aj (9.32)
Substituting the values of the work function from Eq. (9.32) into 
Eqs. (9.2S) and (9.29) gives, respectively.

p U  — picA, =  0)1 — coj +  z,F\|’,2 (9.33)
and

MecA; =  — W; +  Z|F>1>; (9.34)

Equation (9.27) permits one to obtain the value of the Galvnni 
potential between two phases /  and 2 in equilibrium. At equilibrium

P«eAi ~  P«A, =  0



If both phases nrc mclnls, electrons with a charge of z,/'’ =  — e 
will he exchanged bclwccn them. In this case Eq. (0.35) must he 
rewritten in the form

Si2 1117 11,1 (9-3,i)

that is. the Galvani potential at the junction between two contiguous 
metals is determined by the difference of the chemical potentials 
of the electrons in these metals. Equation (0.3(i) could be used as 
a basis for calculating the Galvani potential if the chemical potentials 
of the electrons in the two phases were known. However, as noted 
above, the variation of the chemical potentials alone cannot be deter
mined for charged particles because during their transport from one 
phase to the other electrical work is performed as well as chemical. 
Equations (9.35) and (9.3(5) thus provide only the relation between 
the chemical potentials and the Galvani potential hut do not enable 
the latter to be calculated.

Combining Eqs. (9.32) and (9.33). one obtains the following expres
sion for the Volta potential between two phases / and 2:

Tor the special case of contact between two metals one has

q;i2, : 5 Z ^ I  (9.38)

Thus, the Volta potential between two metals is equal to the negative 
difference between the work functions of an electron from the first 
and the second metal divided by the charge of the electron. The work 
function is a directly measurable quantity, and therefore the value 
of the Volta potential can be calculated with the aid of Eq. (9.38). 
The work function can be found, for example, from the temperature 
variation of a thermionic current by using the Hichardson equation

ir=Ar-e'^i~ (9.39)
where .1 is the Hichardson constant. The smaller the amount of work 
required to remove an electron from a metal, the larger the number 
of electrons that can leave the metal at a given temperature and enter 
vacuum and the greater will be the excess positive charge in the 
metal. When two metals with different work functions are brought 
close together, the electrons will jump out of the metal with the 
smaller work function and rush to the one with the larger work func-
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lion. As a result, the first metal will be charged positively and the 
second, negatively, as follows from Eq. (9.38).

The most probable values of work functions for different metals 
arc shown in Table 9.1. The values of work functions enable one to 
calculate the 2 potentials for different metals. For example, for 
the pair Cu/Zn

’ku//.n = — (<»Cu — (,>7.n) =  >1'- 0.3 V

while the emf of the cell
Zn/ZnS04 ! CuSfVCu 

is 1.11 V. Thus, the if,2 potential constitutes an appreciable part 
of the reversible emf of the electrochemical cell. Data on work func
tions are not very accurate, hut as (he experimental technique is 
improved the disparity between the values of work functions obtained 
by different authors is reduced to a minimum. For most metals the 
experimental data depart from the average value by not more than 
±  0.2 eV. more frequently by ±  0.1 eV; for this reason the values 
in Talde 9.1 arc given with an accuracy up to tenths of an electron- 
volt.

ta b le  0.1
Values for the Work Function of Some Metals

9.2.2. Tl-Ili NERNST OSMOTIC THEORY

'file first quantitative theory’of electrode potential was proposed 
by Nernsl in 1890; it is called the osmotic theory of electrode potential 
and electromotive force. Nernst’s theory played an important part
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in the development of electrochemistry. The principles underlying 
this theory are as follows:

1. The electrode potential is determined by the inelal-solution 
potential difference, while the emf of an electrochemical cell is the 
difference of two such single potential differences.

2. An electrode potential arises only from the exchange of ions 
between the metal and the solution.

3. The driving forces for ion exchange are the osmotic pressure of 
the solute and the electrolytic dissolution pressure of the metal.

The first principle cannot be regarded as correct since the potential 
difference across the mclal-solulion interface docs not, in a general 
case, coincide with the electrode potential but is only a certain part 
of it. The assumption that the emf of an electrochemical cell is always 
equal to the difference of two Galvani potentials is also erroneous. 
The emf is composed not of two but of three potential differences, 
including the potential arising at the junction between two different 
metals. Thus, the Ncrnst theory cannot be looked upon as the theory 
of electrode potential and electromotive force. In fact it is the theory 
of the metal-solution Galvani potential, i.c.. of that component 
of the electrode potential and emf which depends on the composition 
of the solution.

The second principle is a correct reflection of the mechanism of 
formation of an equilibrium potential difference across the metal- 
solution interface, although ion exchange is not the only possible 
cause of the appearance of a potential difference across that interface. 
If an equilibrium exists between the electrode and the solution, the 
magnitude of electrode potential will be a measure of the change of 
the Helmholtz free energy (or (he Gibbs free energy C) of the corre
sponding electrode reaction. The electrode potential must be a defi
nite and constant quantity for a given electrode reaction. From the 
equation for the electrode potential

eLM =  gMPt +  £lm  — S LPt

where gMpt and gx,'*i arc constant quantities for the chosen metal, 
it follows that at equilibrium not only

but also
e lm =  const

g LM =  const
that is, the metal-solution potential difference at equilibrium is 
governed by the nature of tile electrode reaction and is not affected 
by the presence of surface-active substances. In other words, for the 
case under consideration

?LM = gq + g, + gdtp =  const
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Al ihe same lirae 

of surface-aclive suh , *,ou"l ^e taken inlo account that the presence 
all the three compon*"1003 of lhc ionic or molecular type may affect 
rence, but the quan?",ls an<* San.) of the total potential diffe-

Thus, the Nernst i h y ffLM rcmains unchanged, 
vani potential at th in°ory fefcrs to only one component of the Gal- 
tity e, which ;„e met«l-solulion interface, namely, to (he quan-

Thc assumption ofactuaI1y the Nornst Potential in the proper sense, 
during the f o r m a t i o n * bS!"*en the mo‘o1, ?nd, the Soh',Uon it) was conlirmed h« f he c(I,ul,brlum potential (and on reaching 
ried out after Norn. numerous investigations with tracer atoms car- 
met .,1 fit is1 ,  1 Pr°P°sed his theory. If we add to the electrode
menlst i r i • convonient to use metal amalgams for such experi- 
elnrtrn.u 81? amouilf of its radioactive isotope and bring the 
sol lit ir n v •iiC0,1Itact 'v‘lb a solution of a salt of the same metal, the 
A -|. 'VIU. , so display radioactive properties after some lime. 
o f> r  resl , w‘** he obtained if we prepare a solution of a salt 

l" c ro(‘e metal containing its radioactive isotope and use 
j _ e c‘clrotle made of a nonradioactive inetal. Then the electrode also 

ecu rues radioactive after some time. This effect is possible only 
" I.V" 'here is ion exchange between the electrode and the solution.

• ie use of this and a number of other methods has made it possible 
no only to confirm the fact of ion exchange but also to estimate it 
quantitatively. Since exchange involves charged particles, the inten
sity of the process can be expressed in terms of current and is called 
Hie exchange current 1° or exchange current density i° if referred 
to "nit surface. Exchange current density is expressed in amperes 
Per unit surface area (1 cm2) of the electrode-solution interface; 
it serves as a kinetic characteristic of Ihe equilibrium between the 
electrode and the solution al the equilibrium value of the electrode 
Potential. One of the first studies devoted to the determination of 
exchange current densities was carried out by V. Hoyter and cowor- 
hers (1939). The values of exchange current density for some electro
des are given in Table 9.2. The exchange intensity depends on the 
nature of the electrode and of the electrolyte within wide limits.

According to the third principle of Ihe Nernst osmotic theory 
exchange currents arise under the effect of the osmotic pressure of the 
solution and the electrolytic dissolution pressure of the metal.

L'sing these three principles. Nernst obtained a qualitative picture 
of the development of the metal-solution potential difference and 
deduced a quantitative relationship between the value of this poten
tial difference and the composition of the solution. His reasoning 
was as follows.

At the instant of immersion of a metal in a solution of its own ions 
an exchange of ions begins between the metal and the solution. Three 
cases are possible, depending on the nature of the metal and on the 
composition of the solution (Fig. 9.6):
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the metal (case 1. al ji >  P) or vice versa (case 2. at n <  P). Since 
the metallic ions are charged entities, their preferential transfer 
to anv one of the phases will lead to the accumulation of an excess 
positi've charge in this phase, while the other phase will be charged 
negatively. In either case the potential difference arising from the 
nonuniform charge distribution will have an accelerating effect on 
the slow reaction and put a brake on the fast reaction (see Fig. d.o); 
this is typical of the exchange mechanism of development of an inler- 
phasiaf potential difference. After a certain (very short) period of 
time the potential difference will equalize the exchange rales in both 
directions. The potential will no longer change, retaining a constant 
value corresponding to the equilibrium between the metal and soluti
on. In just the same way the rales of charge-transfer reactions in the 
directions solution-metal I and metal-solution T will become con
stant and equal in magnitude to the exchange current

" 7 = 7 = / °  (9.40)

Under these conditions the osmotic work

f ir in g -

will be balanced by the electrical work

that is.
r t r i n - i  -g qzF = 0 (9-41)

whence

o -42>

Since in the osmotic theory the Galvani potential at the solution- 
metal interface is identified with the electrode potential, Eq. (9.42) 
mav be replaced bv

(9.43)

Equation (9.43) shows that al n >  P the metal is charged positi
vely and the solution negatively: the quantity g,. and hence the 
electrode potential, will be positive. At a •< P a reverse charge- 
transfer reaction lakes place and the quantities g,, and eL.\i "'ill 
therefore be negative. And. finally, when n =  P, the metal will be 
uncharged with respect to the solution, and no potential difference 
will develop across the metal-solution interface, i.e.. gq and eLw 
will be equal to zero.
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The above conclusions, which follow from the Nernsl theory, 
should be considered erroneous because the potential difference 
gq is only part of the electrode potential ej.M. With g equal to zero 
the quantity eLM may be different from zero and depends on the work 
lunclion of a given metal. Besides, the potential difference g, M 
may differ from zero even when the exchange mechanism does not 
result in the appearance of excess charge on cither side of the inter
lace. 1 he potential difference under these conditions mav be attribut
ed to the orientation of polar molecules and the specific adsorption 
of ions [see Eq. (9.23)1. 1

Following the Arrhenius theory. Nernsl assumed that the ideal 
gas laws are applicable to electrolytic solutions. The osmotic pressure 

C r° yl'f s° luUon m»y therefore be expressed in terms of the concentration of the corresponding ions:

n = RTc
whence, on the basis of Eq. (9.43), one has

eI.M= _ - ^ . | n ^ r  +  ̂ l l n C t .+ (9.44)

If the concentration < 
litre, then

n Eq. (9.44) is equal to

„ RT ,
e,L“ =  - ^ r 1" = eLM (9.45) 

value of thewhere is the normal potential. Introdut....
expression!*"1'81 Can wrilc’ in *,lacc of Et>' ‘ the following

= e°LM -|- —L  In cM..+ (9.46)

Equation (9.46) bears a certain superficial resemblance to the 
gcnciul thermodynamic equation for the electrode potential as applied 
nnrmU s"*,eclaI °f metallic electrodes of the first kind. The Nernsl

concentrations 'in ' liq. “(g!^)'are  'replacedSby' v’iUm" 1 "' *

£lm =  *t.M -r -?r ,n a M‘+ =  e°LM + —  In

nn/*!!/;'1/i0pl| (9/i6) ‘S known ns lhe Nernsl for the electrode
" ' 1 ,c ;sa,nc name ^  often given to Eqs. (9.43) and (9.44)

as well as to the general equation (7.7).
f„n,‘;COr<li rg.il° l,he Ncrnsl lheory. ll>c normal potential is a simple 
function o the electrolytic dissolution pressure of a metal. It could 
be calculated for various metals from the known values of P. But 
ucli a calculation is impossible in practice since the quantity P
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is nol directly measurable. It is however possible to establish, by 
using the known values of standard potentials, how the quantity P 
varies from one electrode metal to another. If, for example, I ho elec
trolytic dissolution pressure corresponding to the standard hydrogen 
electrode is taken equal to 1 atm, the electrolytic dissolution pressure 
of beryllium will be about 1043 atm. and that of copper. fO"20 atm. 
These values cannot naturally be accepted as the actual pressures, 
and thus the concept of the electrolytic dissolution pressure introdu
ced by Nernst evidently implios some other characteristics of the 
electrode-solution system.

The Nernst equation is valid for electrodes of the lirst kind, and 
its sphere of relevance is restricted to electrodes of this type. It must 
however be noted that this limitation docs not undermine the Nernst 
theory. For example. Peters (1898) showed that Ncrnst’s basic con
ceptions can be used for deducing the equation for redox electrodes. 
Nernsl’s ideos were developed in the works of Butler (1924). who 
succeeded in deriving kinetically equations for various types of elec
trodes.

From the Nernst theory it follows that standard electrode poten
tials are independent of the nature of the solvenlsince the quantity P. 
which determines the normal or standard electrode potential, is not 
a function of the properties of the solvent but depends on the proper
ties of the metal. However, neither experiment nor theoretical con
siderations support these conceptions, a circumstance that calls for 
a revision of the physical premises of Ncrnst’s theory.

9.2.3. THE HYDRATION (SOLVATION) THEORY 
OF ELECTRODE POTENTIAL 1

1 he Nernst osmotic theory is incapable of disclosing the physical 
essence of the processes giving rise to a potential difference across 
the metal-solution interface since it is founded on Arrhenius’ ideali
zed conceptions of electrolytic dissociation. The major shortcoming 
of the Arrhenius theory is that tho properties of electrolytic solutions 
are identified with those of ideal gas systems, i.e.. the ion-ion and 
ion-solvent interactions are ignored. The same drawback is inherent 
in the Nernst theory. The theory of electrode potentials developed 
along the same path as did the theory of electrolytic solutions. Both 
the shortcomings and achievements of the latter theory have been 
reflected in the theory of electrode potentials. For example, the intro
duction of the concepts of activity coefficient (as a quantity associat
ed w ith ionic interaction) and activity as the effective concentration, 
which was a big step forward in the development of the theory of solu
tions, made it possible to obtain, on (he basis of the Nernst theory, 
the correct relationship between the electrode potential and the com
position of the solution. Taking into account solute-solvent interne-
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tions (insisted on by Mendeleyev) and, particularly, the possibility 
of formation of hydrated or solvated ions in solutions (A. Kablukov) 
was an important landmark in the development of the theory of 
electrolytic solutions. As a consequence, it became possible to find 
the cause of dissociation of electrolytes into ions. Ion solvation evi
dently also plays substantial role in the attainment of an equilibrium 
between electrode and solution.

The Pisarzhevsky-fzgaryshev Theory. The mechanism of develop
ment of an electrode potential based on solvation phenomena was 
first formulated by L. Pisarzhevsky (1912-14). He thought that 
two processes are of decisive importance in the formation of an elec
trode potential. The first is the ionization of the electrode metal, in 
which ions and free electrons appear:

M =  M-'+ +  ze (9.47)
Equation (9.47) does not contradict the present-day views on the 
nature of the metallic state, according to which the crystal lattice 
of a metal contains its ions in equilibrium with delocalized valency 
electrons; the latter form an electron gas and ensure metallic con
duction. The second process is the interaction of solvent L with the 
metal ions M2+ present in the crystal lattice; this process may be 
represented thus

M-'+ +  xL =  MLi+ (9.48)
The overall reaction giving rise to a potential difference across the 
metal-solution interface should therefore be written in the following 
form

M 4- xL — ML, +  ze (9.49)
The equilibrium constant for this reaction is 

„  [ml-;+) [ep
K ~  IMJ1L1* (9 ’5°)

Thus according to Pisarzhevsky, the transfer of ions from the metal 
in o the solution is not due to the physically obscure electrolytic dis
solution pressure of the metal but is the result of its interaction with 
the solvent molecules. The electrolytic dissociation of electrolytes 
and the development of an electrode potential arc thus based on’thc 
same process of ion solvation (or ion hydration in the case of aqueous 
so utions). Here, as follows from the reaction (9.49). not free but 
so vated ions are formed on dissolution; their properties depend on the 
naluro of the solvent. For this reason, as distinct from the 
lNernst theory the standard potential of a given electrode must 
change from solvent to solvent. This relationship was discovered and 

b>' r . nJ  a!'11;0?  (Izgocyshev, Brodsky. Pleskov, Hartley. 
Izmailov and others). It has been found that the change in the ele
ctrode potential from solvent to solvent is the greater, the smaller
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the radius and the greater the charge of the ion taking part in the 
electrode reaction. According to Pleskov the least variation of poten
tial is observed for cesium, rubidium and iodine electrodes, where 
univalent ions of considerable size participate in the establishment 
of electrode equilibrium. Conversely, these variations are especially 
pronounced for hydrogen ions and polyvalent cations of small size. 
Precisely this dependence of electrode potential on the nature of the 
solvent could be expected on the basis of Pisnrzhevsky's conceptions 
of the role of solvation phenomena in the development of a metal- 
solution potential difference. For quantitative comparison of poten
tials in different solvents the cesium electrode is used as the standard 
null electrode since its potential depends least of all on the nature 
of the solvent.

Izmailov suggested using the absolute hydrogen scale for all sol
vents. He found the difference in the solvation heats of the hydrogen 
ion for a number of solvents and calculated the difference in the stan
dard potentials of the hydrogen electrode for the solvents studied. 
The data obtained by Izmailov on the effect of the solvent on (he 
potentials of some electrodes are presented in Table 9.3.

TABLE 0.3
Standard Electrode Potentials in Different Solvents 

(in increasing order of positive value of potential in aqueous 
solution)

It can be seen from Table 9.3 that not only the electrode potential! 
changes from solvent to solvent but in some cases (e.g. the electrodes 
I-.To and AgVAg in water and in liquid ammonia) even the order 
of arrangement of electrodes in the electrochemical series. If an elec
trochemical cell, or system, is constructed with identical electrodes 
in different solvents, then a considerable emf will result, provided



Part Three. Electrode Equlltbrii

the liquid junction potentials arc eliminated. For example, the initial 
emf of the cell

Pt, H2/H +, HCOOH//H*, N H ,'H 2i Pt

will araount^lo 1.52 V. This value exceeds the emf of the Daniell- 
iakobi cell consisting of copper and zinc, which are so eleclrochemi- 
•cally different. Thus, the effect of the nature of the solvent on the 

electrode potential is quite comparable 
with that of the nature of the metal.

Of special interest in this connection 
are the works of Izgaryshev. who sub
stantially developed (1926-28) Pisar- 
zhevsky’s qualitative conceptions and 
laid the foundation of the hydration 
(solvation) theory of electrode potentials 
and electromotive force. According to 
Izgaryshev, at the metal surface facing 
the solution one may lind both metal 
ions and adsorbed water molecules 
(Fig. 9.7). The metal ions can pass from 
the aqueous into the metallic phase, 
losing their hydration sheath and taking 
their position in the crystal lattice. At 
the same time the molecules of water 
(or another solvent), being adsorbed and 
oriented in a definite way at the inter
face, can interact with the ions located 
in the metal and pull them out of its 
lattice under certain conditions. Thus, 

the electrode potential depends, according to Izgaryshev, on the 
strength of the ionic bond in the metal and on the ion hydration 
energy. Izgaryshev has also demonstrated how. on the basis of 
his theory, electrode potentials on the hydrogen scale and the 
emf s of various gnlvanic cells can bo calculated from independent 
experimental data.

Further Development of the Solvation Theory of Electrode Poten
tial. Conceptions similar to those forming the basis of the Pisarzhcv- 
sky-Izgaryshev hydration theory were later used by other authors, 
to r  example. in 1932 Gurney applied the kinetic method suggested 
by butler to the problem of the development of the equilibrium elec
trode potential; Gurney’s ideas concerning metal-solution interac
tions are consistent with Izgaryshev’s theory. His calculations may 
therefore be regarded ns a quantitative formulation of some of the 
basic propositions of Izgaryshev’s hydration theory.

Following Gurney, we will assume (hat the probability of transfer 
•of a metal ion from solution to electrode (in the forward direction)
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is proportional to the number of metal ions in contact with the metal 
surface on the solution side of the interface (Fig. 9.7) and the probabi
lity  of ion transfer in the opposite direction is proportional to the 
number of solvent molecules on the metal surface. Gurney assumed 
that for the number of forward n and reverse n transfers one can write 

n = kN m (9.51)
and

n =  £ \ ' l  (9.52)

where A'm =  number of ions in the entire volume of solution 
,VL =  number of solvent molecules.

Since the energy levels of an ion in the solution and in the metal 
are different, the proportionality coefficients A and k  must be functions 
of the energy change occurring when the ion is transferred from one

phase to the other. Such energy changes can be estimated with the 
aid of the diagram shown in Fig. 9.S. The left potential curve repre
sents the change of the ion free energy as a function of the distance 
between the ion and the enveloping water molecules; the position 
of the w'aler molecules is taken here ns pre-assigned and is indicatod 
by a dash-and-dot vertical line. The horizontal line u L corresponds 
to the lowest vibration level of the ion in solution, and the u0 line 
to the energy level of a free gaseous ion. The potential curve on the 
right shows the energy change for a metal ion as a function of its 
distance from the fixed metal surface. The horizontal line um cor
responds to the lowest vibration level of the ion in the surface layer
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of the metal lattice. For a forward transfer the ion must possess snch 
an amount of energy u which would raise it from the u L to the u0 
level. Then

u = u0 — « l  (9.53)

The quantity u may be regarded as the energy required to remove 
the ion from the solution. An ion being transferred in the opposite 
direction must rise from the um to the u0 level. Suppose that

u =  I/O -  um (9.54)

Here u represents the energy required to bring the ion to the 110 
level; it may be defined ns the work done to remove the ion from the 
metal. Assuming that the Maxwcll-Boltzmann statistics is applicable 
to the ion distribution among energy levels, one can. in place of Eqs.
(9.51) and (9.52), write equations Inking into account changes in the 
energy of an ion in the course of forward and reverse reactions:

= aJV„ (9.55)

n =  pNLe «• =  p/VLe ^  (9.56)

where a and p are the transfer probability factors.
Usually at the instant of immersion of a metal in a solution 

n n, i.c., preferred transfer of ions in one direction is observed. 
As a consequence, a potential difference develops across the melal- 
solulion interface, which in turn changes the energy states of the 
ions. When equilibrium is attained, the frequencies of ion transfers 
in both directions become equal:

” <*LM> — "<«LJl)

where £lm is the equilibrium 
and solution. potential difference between the metal

According to Gurney, the energy associated with the resulting 
potential will alter the energy slate of the ions on the metal surface. 
In this case the u„, level drops down by the amount xeg, « (to the 
“m lc.vcl> fhown in Fig. 9.8 by a doited curve. The number of back 
transfers will then be given by the equation

”('!LM> =  PAt'e kT (9.57)
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Since n((fLM) =  n(gL5|), it follows (hat

= p.v,.<

t'l.M -  ~ -  In PA'l
(9.58)

Equation (9.58) relates the inelal-solution potential difference to 
the ratio of the lowest vibration levels of a metal ion in the solution 
and metal and also to the concentration of the solution. The ratio 
of the number of solute particles to that of solvent molecules. A'm/.'V,.. 
may be taken as a quantity proportional to the concentration expres
sed. for example, in g-ion/lilre. I'rom Eqs. (9.53) and (9.5-i) and 
Fig. 0.8 it follows that

«L - u m = - ( k - y )  (9.59)

where h represents the hydration energy of an individual ion in a solu
tion of a given composition, and y corresponds to the work necessary 
to move the ion from the metal into vacuum, w1, taken with the 
minus sign. Using Eq. (9.59) and switching from ions to gram-ions. 
Gurney rewrites Eq. (9.58) in the following form:

i?lm =  — ^ + 4 r ,0SYe (!‘-0(l)

where v — (& is a factor for conversion of units
expressing concentration to c units); Uh =  AV> «lntl ^ ‘ ~  ^ Ay'. 
The hydration energy Uh refers to the ideal solution. In a real solu
tion tiie hydrntion energy will be higher owing to ion-ion inlerac-

Uh >  Uh
The difference between the hydration energies Uh and Uh must depend 
on the concentration of the solution, i.c..

equal:

then

Uh =  Uh + <f (c) 
introduce a certain function of the concenlralii 

RT  In i  =  ip (c)

Uh = U„ r  RT  In f

|  given by the

(9.61)

11 For an ion to leave a real solution it must, apart from shedding its hydra
tion 9hoalh. ovorcomc the attraction of the ionic cloud.
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Substituting tlie value of Uh from Eq. (9.61) into Eq. (9.60) gives 

£lm =  Y'~ ° h + — ln |c  (9.62)
The quantity |  must correspond in its physical meaning to the activi
ty coefficient /. Pulling y =  1 (which is highly probable) and assu
ming that gLM =  (which is incorrect), Gurney deduced the 
following equation for the electrode potential:

eLM =  iFUh +  IF "  ln °.mi+ (9.63)
A tV +  =  l

eLM =  =  eLM (9.64)
and the Gurney equation may he rewritten in the form 

eLM =  8lM +  -TJT aMI+

As distinct from the Nernsl equation which contains an uncertain 
quantity (the electrolytic dissolution pressure), Gurney’s formula 
for the standard potential includes the work function of the ion and 
its energy of hydration, i.e., quantities possessing a definite physical 
meaning. The work function of the ion can he found with the aid of 
the following cycle:

Thu transfer of one gram-ion of a inelal from the nu-ial into vacuum 
requires an energy equal to the work function w}|; . This transfer 
can also he effected in two steps. First, one gram-atom of the metal 
is converted to gaseous free atoms by sublimation, which requires 
the energy of sublimation S. Then, the gaseous metal atoms are 
ionized into gaseous ions of valency 2. The energy used up at this 
stage is equal to the sum of ionization potentials. II .:  . The electrons 
return to the metal, the energy liberated being equal to the work 
function of the electron, to',. The work required to remove the ion 
into vacuum can thus be expressed as follows:

mj!'* =  -f- 2 / + — zoi', (9.65)
All the quantities entering into Eq. (9.65) arc experimentally measu 
ruble, though not always with great accuracy. Thus. Gurney’s for 
mula offers, one would think, the fundamental possibility of ealeu 
Iating the absolute value of electrode potential from the energy chara 
clenslics of the metal and solution. It must however he kept in
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lhal Gurney’s theory, like the Nernsl theory, delincs not the whole 
clcclrodc polenlial hut only n part of it, i.c., the metal-solution 
potential difference. But even this quantity cannot be calculated 
on the basis of Gurney’s theory since the latter does not luke into 
account the potential difference which the ion crosses on its way from 
the vacuum into solution. The numerical value of this potential 
difference is known approximately, and therefore Gurney's formula 
determines the metal-solution potential difference with an accuracy 
up to a certain indefinite value.

Despite this drawback, the Gurney theory deserves attention. 
This theory made it possible to obtain the first realistic equation for 
the Volta'potential at the metal-solution interface. The Volta 
potential between two metals is equal to (he difference in the work 
functions of electrons for these metals Isce Eq. (9.38)1. In deriving 
Eq. (9.38) no special assumptions were made restricting its sphere of 
relevance to a definite type of interface. For this reason it may be 
assumed that the Volta potential for an interface between any two 
phases is determined by the difference in the work required to remove 
the corresponding charged particles from both phases into vacuum. 
For a metal-solution interface such particles arc ions.

Gurney’s formula for the standard potential (9.64) is an equation 
which in fact defines the Volta polenlial across the solution-metal 
interface rather than the Galvani potential; it may he rewritten as

'fl-M =  V J * '  -  ' ' '  „• ” M

di
ACi,,r, is the real energy of hydration. Since accor- 

A r = Ach ±  zFxim

where /lc(l is the chemical hydration energy and •/lv the surface 
polenlial at the solution-vacuum interface, whose value is unknown, 
the absolute value of i)-LM cannot be calculated from the Gurney 
formula. The latter can however be used as a basis for elucidating the 
off eel of the nature of the solvent and the metal on the emf’s of ele
ctrochemical cells and on conventional electrode potentials. These 
questions, which are of fundamental importance to electrochemistry, 
were thoroughly studied by Pleskov and Izmailov.

Izmailov makes use of Eq. (9.16)
E =  1|>|2 +  — tyi.i

which is valid for electrochemical cells of the type
M,/Mi*//Mj+/M2 (9.67)

in which cither there is no liquid junction or the diffusion potential 
has been eliminated. It is also applicable, for instance, to a cell
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which determines the electrode potential of a metal on the arbitrary 
hydrogen scnle:

Pt, H2/H +//Mi+/M (9.68)
Substituting into Eq. (9.16) the values of Volta potentials from Eqs. 
(9.38) and (9.66) and assuming that ,z+ — , z — z+ an(| z+ . 
=  =  z and that the activities of the participants of the electro
chemical reaction are equal to unity. Izmailov obtains:

E = --- T —  -------- I F - 1-  ~  2 J C'a O'-™)
since from Eq. (3.22) it follows that

•*r' — -',r> =  •'ica, -r — zF-fLV =  .dc,„ — A rh.
For the cell (9.67) the work functions of the metallic ions for the 

metal may be replaced by their values from the expression (9.65); 
then, after some rearrangement, one has:

For the cell (9.68). which determines the standard potential of 
electrode on the arbitrary hydrogen scale, the value of

equal in this case to <o}!.+ , can be found from lie following cycle

where Dllt =  energy of dissociation of hydrogen molecule
=  energy of adsorption of hydrogen atoms on platinum 

/m- =  ionization potential of hydrogen atoms 
<oi.. =  work function for electrons to be removed from pla

tinum.
From (lie above cycle it follows that

<uHs =  T DHa-r/ii*-<'>f,t (9.72)

Substituting this value of w"‘ for wjT into Eq. (9.70) and replacing 
-'Ica,- -dcAj and by zAchff+, /lCAMit and o)j{ and taking into
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account Eq. (9.65), one obtains:

Equations (9.71) and (9.73) should be regarded as a mathematical 
expression of the basic propositions of the hydration (solvation) 
theory of electromotive forces and electrode potentials. Ihe values 
of emf and standard electrode potential are represented as the sum 
of two terms. The first of them is governed by the properties of ele
ctrodes. and the second by the properties of potential-determining 
ions and the nature of the solvent.

Eaualions (9.71) and (9.73) can be employed to resolve many impor
tant problems pertaining to electrochemical equilibrium systems. 
For example, using Eq. (9.71), one can account for the dependence 
of the emf of the electrochemical cell (9.67) on the properties of lie 
solvent In this case the first term in Eqs. (9./1) and (9.(3) remains 
constant, and the variation of the emf with the nature of ‘he solvent 
is determined by the second term. Hence. Eqs. (9.(1) and (J.io) 
may lie rewritten in the form:

£° =  const -|---------- rp---------

Ai! theoretical equations for calculating the hydration energy 
contain the Born term

sV-fiiA I , 1 \

and therefore the emf must be a function of the dielectric constant 
of the solvent, i.e., it must change from one solvent to another having 
a different dielectric constant. On the basis of the Born formula for 
the livdralion energy one would expect a linear variation of £  
with \1D. This was first suggested by Brodsky, who deduced a corre 
sponding equation for emf. The experimental investigations earned 
out bv Brodsky, Izgaryshev, Pleskov, and Izmailov have shown tha 
this assumption can only serve as a first approximation, lliis re-ull 
should be considered legitimate since Ihe Born term does not coyer 
the whole hydration energy, which includes also specific interaction 
forces. A theoretical calculation of the hydration energies of indivi
dual ions is a complicated problem that has not yet b een so W . 
would be more reasonable to use Eq. (9.(0) for solving the reverse 
problem, i.e., estimating the changes of the chemical energy of hyd
ration from solvent to solvent by using experimentally determined 
values of electromotive force.
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The Electrical Double Layer at 
the Electrode-Electrolyte Interface

In the preceding sections we discussed the following; (a) the physi
cal meaning of the electrode potential; (b) its relation with poten
tial differences at phase boundaries; (c) the conditions under which 
a potential difference develops across an electrode-electrolyte inter
face (this p.d. being the principal part of the electrode potential); 
and (d) the dependence of the value of this p.d. on the composition 
of the solution. In considering the mechanism by which a potential 
difference develops at the electrode-electrolyte interface it was staled 
that the main factor responsible for its appearance is the exchange of 
ions between an electrode metal and the solution. This process at 
first (i.c., at the moment the metal and solution are brought into 
contact) involves nonequivalcnl amounts of ions, as a result of which 
the two contiguous phases acquire excess-charge densities of opposite 
sign and an electrical double layer is formed. But we have not yet 
examined the structure of the electrical double layer and the charge 
distribution on the two sides of the interface. Thu structure of the 
double layer is of no decisive importance to the value of equilibrium 
electrode potential, which is determined by the five-energy change 
in the corresponding electrochemical reaction. At the same time the 
structure of the double layer plays an important role in the kinetics 
of electrode processes, including that of ion exchange in equilibrium 
conditions because its intensity (the exchange current f ”) depends on 
the .structure of the double layer. The theory of the structure of the 
double layer therefore serves as a sort of an intermediate link between 
electrode equilibrium and electrode kinetics.

An important contribution to the formation of the present-day 
conceptions of the double-layer structure has been made by investiga
tors of elcclrokinclic and clcclrocapillary phenomena.



CHAPTER 10 
Electrokinetic and Electrocapillary 

Phenomena
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clrophoresis) were discovered by Quincke (1859) and Dorn (1878) ’>.
The elcclrokinetic eflects, especially electroosmosis and electro

phoresis i>, lind use in many processes, for example, in dehydration 
and purification of various materials; deposition of rubber, leather 
and other coatings onto nonconducting materials; impregnation of 
textiles with fire-resistant compounds; determination and separation 
of enzymes, proteins, viruses, and other complex systems.

The occurrence of clectrokinclic phenomena is an indication that 
there is an electrical double layer at the boundarv between a solid 
and a liquid, both these phases being electrically charged. The move
ment of suspended solid particles inside the liquid under the influen
ce of an applied electric field (electrophoresis) is only possible when 
the solid particles distributed in the liquid are electrically charged. 
Similarly, the clcclroosmolic movement of the liquid would be 
impossible if it had no charge, which is affected bv an electric field. 
No potential difference would arise between points at different heights 
in a tube where sedimentation of the solid particles suspended in the 
liquid occurs if the precipitating particles had no electrical charge. 
And. finally, one cannot account for the appearance of a streaming 
potential without assuming that the liquid possesses a certain charge.

A study of the relation existing between the direction and velocity 
of electrophoresis or electroosmosis, on the one hand, and the dire
ction and strength of the applied electric field, on the m her. can yield 
information on the sign and magnitude of the charge of the solid 
particles with respect to the liquid and on the corresoonding poten
tial difference.

The approximate theory of electrokinetic phenomena provides 
the following equations for the cleclroosmolic velocilv U and the 
streaming (or sedimentation) potential E:

D Arp 
4ny Ax (10.1)

£  =  (10.2a)

where D =  dielectric constant of the liquid phase
AiJj/Ax =  electric field strength in the direction parallel to the 

interface between the liquid and solid phases 
y =  viscosity of the liquid phase 

x„ =  conductivity of the liquid phase

’ The phenomenon of sedimentation potential is also k

e also called eltctroendosmosls and eataohoresi.
respectively. — Tr.
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p  =  pressure causing Ihc relative movement of the phases 

along the interface 
Q =  cross-section of the suspended particle (or pore). 

In the case of elcclrophoresis

P = e M { i - % r )  (10-3>

where g = acceleration due to gravity
M  =  mass of the suspended particles passing through 

a unit cross-sectionul area (1 cm2) of the microhele- 
rogeneous system 

dL and ds =  densities of the liquid and suspended solid particles, 
respectively. , , . . . .

The quantity £ in Eqs. (10.1) and (10.2) is called the electrokinetlc 
or zela potential: it can be found with the aid of Eqs. (10.1) and (10.2) 
if Die quantity U or E is known. It is however necessary to remember 
that these equations are approximate, and hence the value of £ can 
be estimated only roughly. Direct measurements yield u g y  
rather than £. and the calculated value of £ depends on the numeri
cal values of D and y. The values of the dielectric constant and visco
sity ef the liquid phase which are substituted into Eqs. (10.1) and 
(lti.2) mav be different from those observed in the immediate vici
nity the interface. The £ potentials calculated from these equations 
ma\ therefore differ markedly from their true values. Besides the 
field strength and conductivity of the liquid near the interface li.e., 
the quantities that would be used in calculating the zela potential 
from Eqs. (10.1) and (10.2)] and in the bulk of the liquid phase do not 
coincide in a general case. This difference is due lo the lacl lhat the 
ionic composition at the phase boundary is usually different from 
the average ionic composition of the whole liquid phase. 1 his is 
reflected in the appearance of so-called surface conductance x . 
Bikerman pointed out that the appearance of surface conductance is 
responsible for the fact that the field strength near the interface, 
(-H'/Axh.s. is usually lower than the average macroscopic held 
strength, the quantity (Aq>/Ax)LS being given by

( 1 0 . 4 )

where I is the perimeter of the pore or particle.
It was formerly thought lhat the zela potential of colloid chemistry 

is equivalent to Ihc electrode potential (or the e potential) of ele
ctrochemistry, more exactly, lo that part of the electrode potential 
which represents the potential difference at the electrode-electrolyte 
interface. This thinking was based on the nature of clcctrokinetic
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pki-iiuuiiMia. Indeed, if llic liquid-solid interface is also a surface of 
shear (ox slipping plane) during the movement of the phases relative 
to each other, the zela potential must he equal to the e potential or. 
more precisely, to (lie potential difference gI-M. If this assumption 
were valid and in agreement with experiment, it would he possible 
to measure the electrode-electrolyte potential difference experimen
tally and to determine the absolute electrode potential. It is however 
impossible to check the validity of this assumption by direct compa
rison of the independently found values of the £ and g1 M potentials 
since the Galvani potential gLM is experimentally inaccessible. But 
it is possible to check it indirectly by comparing‘the dependences of 
the and e potentials on the solution composition.

Since gLy| is the only constituent part of the electrode potential 
that depends on the electrolyte concentration, it follows that with 
the equality J = g,,M being satisfied the variation of the ? and t 
potentials with concentration must be the same and obey the same 
law. Such a comparison can be made, for example, as follows. First, 
an insoluble solid is ground and the electrophoretic velocity of the 
resulting particles in a solution of variable electrolyte concentration 
is measured. Hus being done, the zela potential is determined as a 
function of the concentration. Then the same solid is used as an ele
ctrode in the same solutions and its e potential is measured on the 
hydrogen scale. Such experiments have been carried out by mane 
investigators and all the results obtained show that lie zela poten
tial cannot be identified with the electrode potential. For example. 
Freundlich (1925) conducted experiments with ghiss. using it first 
as an electrode for determining the e potential and then as thin capil
laries for causing clcclroosmosis and calculating the /.eta potential. 
The dependences of the e and £ potentials on the concentration of po
tassium chloride and thorium nitrate obtained bv Freundlich are 
presented in Fig. 10.1. It can be seen from the figure that e and l 
vary with concentration according to different laws. The zeta poten
tial is found to vary with concentration not monotonicallv but. 
in contrast to e, passes through a minimum or maximum. Tile zela 
potential is usually smaller in absolute value than e and lends to zero 
with increasing concentration. Whereas the sign of e remains unchan
ged over a wide range of concentrations, the sign of £ may lie rever
sed. and the sooner, the higher the valency of the ions and the stron
ger I heir ability for selective adsorption. As a result of the reversal 
of the sign of £ (so-called “recharging” of the surface) it mav be either 
similar or opposite to the sign of the electrode potential for the same 
interface. Jlence. the zela potential differs in its nature from the 
electrode potential. On the basis of the properties of the zela poten
tial one can conclude that it is a fraction of that part of the total 
polenlial difference which is completely within the liquid phase.

' e and the sameIt is because the zeta potential, unlike e. I
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iilinse that the experimental determination of its absolute value is 
possible. The potential drop corresponding to £ must be confined to 
the interface between the liquid layer immediately adjacent to the

solid surface (and bound with it during the relative motion of the 
liquid and solid phases) and deeper liquid layers away from the 
interface.

In lliis connection, at given compositions of the solution and solid 
phase the value of £ must be a function of the topography of the 
interface. The surface of a solid is never ideally smooth, there are 
always hills and valleys. The height of hills varies within wide limits 
depending on the nature of the solid surface. This height usually 
ranges from 100 A for exceptionally well-polished, to 20,000 A for 
visibly rough surfaces. In valleys, there appear stagnant zones where 
the laminar flow of the liquid is obstructed and part of its charges 
(which is the larger, the deeper the valley) is immobilized, and the 
zela potential is depressed accordingly.

The fact that, in addition to the total potential difference, there 
also exists a zeta potential between a solid and a solution should be
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taken into account in working out the theory of the electrical double 
layer. This theory must explain not only the occurrence of the cle- 
ctrokinetic potential but also the mode of its variation with the 
solution composition and, in particular, the recharging of the sur
face.

10.2. ELECTROCAPILLARY PHENOMENA

10.2.1. GENERAL DESCRIPTION

When two phases are brought into contact, a boundary layer (or 
interphase region) is formed. It has an excess of free energy compared 
with each of the two contiguous phases. The excess energy referred 
to a unit surface area of the interface, i.e., Ihc specific free energy, 
is called the surface tension a (or the interfacial tension '>); it has the 
dimensions of erg-cm-2 or dyne-cm-1. The surface tension is often 
treated as a quantity characterizing the excess of the forces of mutual 
attraction over the repulsive forces. The excess surface energy depends 
on the potential difference between two phases. Electrocapillary 
phenomena reflect the relation between Hie surface tension and the 
inlcrfacial potential difference. This relation is graphically expres
sed in the form of eleclrocapillary curves. Eleclrocapillary effects 
were first studied at the interface between mercury and aqueous ele
ctrolytic solutions by Lippmann (1875), who used a capillary ele
ctrometer of his own design for this purpose. 11 is studies were con
tinued by Gouy (1910) and Frumkin (1919) and aiso by a number of 
other investigators (including Butler, Kruger, Grabamc, Parsons).

In eleclrocapillary measurements using a capillary electrometer, 
a definite potential is applied to a mercury microeieclrodc in the 
capillary (in contact with the solution) and I he height of the mercury 
column required to keep the meniscus in the capillary at the reference 
mark is measured. The potential across the mercury-solution inter
face in the capillary is provided by imposing a specified emf (for 
example, through a potentiometer) on an electrochemical system 
in which one electrode is a capillary electrode and the other, the 
corresponding reference electrode of known potential. Since the refe
rence electrode is nonpolarizable, its potential remains unchanged, 
while the ideally polarizable capillary mercury electrode acquires 
a potential corresponding to the externally applied emf 2>. As follows

11 The two terms surface
ably here, though, strictly speaking, 
phases) rather than surface (elision.— Tr.

21 A nonpolarizable electrode is an electrode tor wliicl 
tial-dcicrmininp ions between the metal and solutio 
(this is observed at high exchange-current densities). T 
electrode remains practically unchanged under the eflecl 
as long as the applied current is small compared with tli

I (determined by both

i the exchange of polen- 
t proceeds unhindered 
ic potential of such an 
of an external current



from Ihc theory of capillarity, the height of the mercury coliirnu a 
ve the mercury meniscus in the capillary is a measure of surface I 
sion at the mercury-solution interface. The relation between III 
two quantities may he written in the following form

a = ± r gd (10-0)
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potential and (especially in the region of potentials situated on llio 
left of the maximum) lowers the surface tension. At sufficiently 
negative potentials the effect of these anions disappears and llicele- 
clrocapillary curves merge together. The presence of thallium or 
letrabutylammonium ions displaces the cleclrocapillary maximum 
to the side of more positive values and reduces the surface tension, 
this reduction being especially pronounced at potentials more nega
tive than the potential of the cleclrocapillary maximum. The effect 
of these cations disappears as soon as sufficiently positive potentials

arc attained. The presence of amyl alcohol causes a clnimc in the 
shape of the cleclrocapillary curve mainly in the region of potentials 
adjacent to the ecm potential. With increasing distance m. either side 
of the potential of the cleclrocapillary maximum the effect of addition 
of amyl alcohol diminishes and the curve traced in the presence of 
amyl a cohol coincides with the curve for a pure solid ion. Ionic or 
molecular compounds exerting such an effect arc called specifically 
adsorbed or capillary-active ions or molecules ».

I lie electrocapillary properties of the mercnrv-solulion interface 
may heexp ained by assuming that at a potenliale, and in the absen- 
ce o ancMeinol emf nu-icury is positively charged with respect to 
the solution (l-.g. i0.3n). The excess positive charge of mercury is 
most probably associated with the mercury ions residing at its surfa
ce (on the metal side), I he system as a whole as well as its interphase 
must obey the law of oloclroneutrulity. There will therefore he an 
excess of negative mil.-, on the solution side at the interface, which 
will compensate for the positive mercury ions on the metal. The pres- 
ence of like-charged (positive) mercury ions on the metal surface

11 Ileecnl data indicate I 
except the fluoride ion F-, n 
and SOJ- and some other anic

at llio, mercury-solution interface all anions. 
'P'llary-aclivc. The capillarv activity of NO; 
owover is very low and may be ignored in most
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inevitably gives rise to repulsive forces, and llie surface tension at 
the mercury-solulion interface cannot be high; in Fig. 10.3 it is de
noted by a,. .

When an external emf is applied, tile potential of the mercury is 
shifted (as a result of ils cathodic polarization) to the side of more 
negative values, say, to the value e: (Fig. 10.3b). Part of the mercury 
ions is neutralized by electrons and the charge on the mercury dimi
nishes accordingly, but it still remains positive. The repulsive for
ces between the surface mercury ions will become smaller and hence

the inlerfacial tension will increase, say. to the value <J;. Ihe number 
of negative ions attracted to the mercury surface from the solution 
side will simultaneously be reduced. At a definite value of the poten
tial e =  the positive charges of all Ihe mercury ions will be
compensated for by electrons and the charge on the mercury sur
face will become equal to zero; at the same lime (if there are no ca
pillary-active particles in the solution) Ihe charge of the solution will 
also become zero (Fig. 10.3c). The repulsive forces associated with 
the presence of like-charged particles on the mercury surface will 
disappear as soon as these particles are neutralized, and Ihe inlet- 
facial tension will assume a certain value om. L pon further shift 
of the mercury potential to the negative side (to the value e3l an 
excess of electrons will appear on the mercury surface; they will att
ract positively charged ions from the solution side. Repulsive forces
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will again appear between like-charged (this lime, negative) particles, 
and the intcrfacial tension will fall down to a certain value (a3). 
With increasing negative value of potential the excess negative char
ge of the mercury increases and the inlerfacial tension diminishes 
The ascending branch of the clectrocapillary curve thus pertains to 
the positively charged mercury surface. The magnitude of the positi
ve charge gradually decreases as the potential shifts to the negative 
side, while the intcrfacial tension increases accordingly. At the 
maximum of the clectrocapillary curve the charge on The mercury 
surface is zero, whereas the intcrfacial tension attains the highest 
value. The descending branch of the curve corresponds to the nega
tively charged mercury surface. With increasing distance from the ccm 
the absolute magnitude of the charge increases and the inlerfacial 
tension is lowered. Thus, the concept of the variation of the charge 
on the mercury with the potential of the mercurv electrode permits 
a qualitative explanation of the course of the clectrocapillary curve 
for solutions containing no capillary-active particles.

If one starts from the assumption that the adsorption of ions on 
mercury depends exclusively on electrostatic forces, all the anions 
should be expected to affect onlv the ascending (positive) branch 
where the mercury surface is charged posilivelv. Conversely, the 
effect of cations should be confined to the descending (negative) 
branch, where they are cleclroslalicallv attracted to the ncgalivelv 
charged mercury surface. In fact, as was observed 1 y Gouy, many 
anions change the path of the elcclrocapillarv curve on the'right of 
the maximum and some cations affect not onlv the ascending but 
also the ascending branch. This behaviour of ions cannot be ascribed 
to the action of coulombic forces alone. It is associated with inter
action forces other than simple electrostatic forces. Such forces, which 
are specific to particles of a given species, may be. for example, van 
der Waals forces or chemical (valence) forces. Hocausc of these 
forces ions are capable of sticking on the like-charged mercury sur
face and affecting the clectrocapillary properties of the inelal'-solu- 
,,on interface. Similarly the influence of unionized organic substan
ces on the course of electrocapillary curves cannot be explained on the 
basis of electrostatic concepts alone. The point is that most organic 
substances possess a lower dielectric constant than water and should 
therefore be expelled by it from the double layer even at small char
ges, just as a dielectric material with a lower dielectric constant 
is expelled from a charged capacitor by a dielectric with a higher 
constant. In (his case the effect of organic substances would lie expe
cted to manifest itself only within a narrow region of potentials 
adjacent to the clectrocapillary maximum. Acluailv. a change in the 
shape of the electrocapillary curve due to organic substances is obser
ved even at potentials distant 0.n-0.8 V from the ecm potential on 
either side. i.c.. some specific forces must be operating here. The-



term “specifically adsorbed particle: 
that the behaviour of such parlicl 
face cannot be allributod only lo
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of a metal .surface in the presence of capillary-active substances with 
the total potential difference across the metal-solution interface rema
ining unaltered.

It is known that the derivative of the charge with respect to the 
potential is the differential capacity Cd. i.e.. a quantity characteri
zing the variation of charge with potential:

-5T =  C“ (10-8)

The value of the differential capacity can also be found with the 
aid of elcctrocapillary curves. Indeed, from Eqs. (10.7) and (10.8) it 
follows that

This expression is known as Lippmann’s second equation.
Equation (10.8) may be represented in the form:

dq =  Cd de (10.10)
Since at the elcctrocapillary maximum q — 0 and e =  eccm. 

it follows that after integration of Eq. (10.10)

|  dq =   ̂ Cddt

one obtains
Qr q = C (e — t>ccm)

c  = -t _ l  (10.13)

where C is the integral capacity at the potential e. Figure 10.4 
shows an elcctrocapillary curve and the corresponding metal charge- 
potential and differential capacitv-potential curves calculated from 
Eqs. (10.7) and (10.9). The curves in Fig. 10.4 are typical of solutions 
of capillary-inactive electrolytes. In this case, in the range of poten
tials corresponding to the ascending branch of the curve, the capacity 
changes comparatively little after the first abrupt fall and varies 
from 20 to 40 pF/cnr. On approaching the elcctrocapillary maximum 
the capacity decreases, passes through a minimum (which is the 
more pronounced, the lower the concentration of the electrolyte) 
and then, after a certain rise, remains almost constant (about 
20 pF/cin2) over a wide range of potentials on the descending branch of 
the curve. The addition of capillary-active substances affects not only 
the elcctrocapillary curve but also the curves showing the variation 
of charge and capacity with potential. For instance, in the presence

(10. 11)

(10.12)
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of organic subslnnces llic fliffercnIial capacity-potential curve has an 
imlislincl minimum lying al lower values of rapacity (linn in I lie 
case of solutions of capillary-inactive electrolytes. A sharply defined 
maximum is observed on capacity-potential curves al a potential at

which the elcclrocapillary curves obtained with and without an 
organic substance merge into a single curve (the desorption potential).

The inlerfncinl tension is a function of the solution composition. 
This functional dependence was expressed mathematically by Gibbs 
on the basis of the lermodynamics of the surface layer formed at the 
phase boundary and. as mentioned before, is often called the inter- 
phase region or simply inlcrphase. The Gibbs free energy, for an 
inlcrphasc is given by

dG =  V d P  -  S  dT -  i'-'V, r/u,
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•where V =  volume
S =  culropy of the inlcrphasc

N, — number of particles of a species i in the inlerphasc.
If the surface area of the interface is Q,„,. then the free energy 

referred to a unit surface area will be equal to

da =  l,„, dP -  S M dT -  I I ’, dp, (10.14)
•where f,„, =  thickness of the interphase

S,„, - entropy referred to a unit surface area of the interface
r, =  surface concentration of the ith component.

If the inlcrphasc is in a volume-mechanical anil thermal equilibri
um. then dP = 0 and dT — 0. and Eq. (10.14) simplifies to

da =  — IT , du, (10.15)
which corresponds to the Gibbs adsorption formula.

Summation in Eq. (10.15) must be carried out over all the compo- 
.nents (both ionic and molecular) forming the inlrrphnse region on 
both sides of the phase boundary •>. Since a number of limitations are 
imposed on the system (the law of clcctronoutra'ily. equilibrium 
between dissociated and initial molecules, etc.). 11;• .ir.tuul number 
of variables will be less than the total number of components. The 
conditions for the application of Eq. (10.15) to i b e1 (.capillary phe
nomena were worked out in detail bv Grahame (I'.Gli) and Parsons 
(1953).

The Lippmann equation can be derived from the Gibbs adsorption 
formula and the Nentsi formula for electrode potential by making 
certain assumptions. If the charge on mercury is assumed to be de
termined by the surface concentration of mercury ions I uk- J) and the 
term corresponding to these ions is extracted from the sum on the 
right-hand side of Eq. (10.15), then

da =  -  rH|[. dp„g> - I T ,  du, (10.16)
Taking into account that

I'h** P =  <1 
Eq. (10.16) may be rewritten in the form

da= — jjrdpmrf —2 r, dp, (10.17)

"  For charged particles the electrochemical potential p^,, should be used 
instead of the chemical potential u.

*’ The surface charge is determined by the difference ill the surface concen
trations of mercury ionsand electrons, i.c.. by the quantity (THf;. — Tc) F, and 
therefore r iIi;_ is here tile surface excess of mercury ions.
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Pllg* =  Mile* R T  ln alle"
mid I lie potential of the mercury electrode

o «r .
c i k m i k  *Hk*. lie  -i- —jT  ln  " H e

the following rclnlion must be satisfied:
dpHB* =  F  deHcv iig (10.18)

Substituting the value of r/pHgt from E(I- (10.18) into Eq. (10.17) 

S" L" do = -  q de -  SV, dfi, (10.19)
If the composition of the solution remains constant, then by tile 
Gibbs-Duheni equation (1.45)

1' I’, diij =  0

ami Eq. (10. Ill) simplilics to
do = — q de (10.20)

which coincides with Lippmann's lirsl equation.
The use of Eq. (10. In) can be demonstrated on the following cell

M7Ag, AgCl'KCI, H,0/IIg/.M (10.21)

The quantity do in Eq. (10.15) will be determined by all the compo
nents (both charged and neutral) responsible for the attainment of 
an equilibrium between mercury and solution, i.c..

— do =  r Hs+ dpi'cfdiB) +  IVfp'c/, (He) +  rK+dp«MU-i-
+ rc,-dp«„(L) + rH;o dpi1*0 (10.22)

The charge on the mercury surface with respect to the solulic 
by the equation

q =  f  (rHr -  r,) (10.23)

It is equal in magnitude and opposite in sign to the charge of the 
solution with respect to mercury

- q  =  F (rK+ -  rCi-) (10.24)
The equilibrium inside the mercury is given by the equation

pile =  piiT(Hg> +  llec* (Hb) (10.25)
and that between the mercury and conductor M, by the equation

(10.26)P«h (tig) =  l»te5 (M)
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Inside the solution there exists an equilibrium between KC1 and the 
K+ and Cl- ions:

KC1 =  K+ +  Gl
and

u fC1 =  (L) +  (L) (10.27)
Besides, the Cl" ions are in equilibrium with AgCl 

Ag -j- Cl" =  AgCl -f- e'\e
and

■llAg -f  ufrML, =  HaSc! +

djiL1'  =  d)iAg =  du'ji- (10.28)
since djiAg =  0 and djiAgc! =  0 and the silver is in contact with 
metal M'.

Combining Eq. (10.22) with Eqs. (10.23) through (10.28). one gels 

~ da = -J- — p-^Uhai) +  r Hc* -r
^ r K*dnKcl +  r HK5^ H ^  (io.29)

Since the right-hand electrode is pure mercury, u" ; must be a con
stant quantity, i.e., =  0 , and hence

W  =  0 (10.30)
Further, the difference between the differentials of the electrochemi
cal potentials of the electrons in two phases M and M' having the 
same chemical composition can be represented, using Eq. (9.20), 
in the following form

<M) — d.ufcMM-) =  Fd (gM- — gif) = V r/f. (10.31) 
where the minus subscript for e signifies that the reference electrode 
is reversible with respect to the electrolyte anions (in our case to 
chloride ions).

Taking account of Eqs. (10.30) and (10.31). one ran write, in 
place of Eq. (10.29),

—do = q de. + Tk. c/u*ci ~  r H,o </ui‘:0 (10.32)
According to the Gibbs-Duhem equation

*KCI dpKCI T  lH ,0 <7|‘HjO =  0

where x is the corresponding mole fraction. Consequently,

- d o  = qdt. - f  ( r  K*— r  \ d kci 
'  xHjO I '■

(10.33)
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The expression in parentheses yields the surface excess of potassium 
ions relative to water; denoting it by Tx-dijO), or simply '> by I'k-. 
we have

- d o  =  q de. +  f K- dp“cl (10.34)
If in the cell (10.21) the silver-silver chloride electrode is replaced 

with an amalgam electrode reversible with respect to potassium ions, 
one can. by reasoning as before, obtain the following equation, 
in place of Eq. (10.34).

-d o  = q d t+ +  r c ^ . f cl (10.35)
where the plus sign for e indicates the reversibility of the reference 
electrode with respect to cations. Generalizing Eqs. (10.34) and 
(10.35). one can write

—do =  q de± -i- I'±d\i (I0.3G)

From Eq. (10.36) it follows (hat

For solutions containing not one hut several electrolytes dissolved 
in mixed solvents (e.g. in a water-alcohol mixture) the surface excess 
of a component will be given by the expression

where the subscript p' signifies that the electrochemical or chemical 
potentials of all the components, except the fill component, remain 
unaltered. Thus, clectrocapillary measurements permit one to deter
mine the surface excess of the components of the solution.

Il is obvious that from Eq. (10.36) one can obtain the Lippmann 
equation provided that p is constant.

Of considerable interest is the eflcct of capillary-active organic, 
substances on the structure of the double layer and on the shape 
of electrocapillary curves. This question was first examined by 
Frumkin in 1926. The essence of Frumkin’s theory is as follows.

The adsorption of organic molecules onto an electrode may be 
regarded as the replacement in the double layer of the water, which 
possesses a high dielectric constant Do■ by an organic substance with 
a lower dielectric constant D ,. If this replacement occurs at a poten
tial e different from the potential of the clectrocapillary maximum 
ercm. then the charging of the plates of a double-layer cupacitor will 
change by an amount (C0 — C,) (e — e „ m) or (C0 -  C,)q> (if 
e _  eMm ’is designated as tp), where C0 and Ct arc the specific capaci
ties of the double layer in the initial aqueous solution of an electrolyte 
and in the same electrolyte containing an organic substance added 

■) Some authors, for example, Gralinmc, assumed that t'Hj0 =  0.
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ill a concentration ensuring its adsorptive saturation. Since usually 
D0 >  D, and the size of organic molecules is larger than that of 
water molecules, then, as follows from the theory of the parallel- 
plate capacitor, C0 >  C,, and the replacement of water by an organic 
substance calls for removal of the charge ((.'<> — £',) ip from the capa
citor plates; this requires an energy (6'0 — 6',) cp-. At the same time 
the free energy of the capacitor decreases by an amount 0.5 (C0 — 
— qr. As can be easily seen, the total energy needed to replace 
a dielectric in a capacitor at a constant plate potential is given by

(C0 — C,) cp- — y  (Co - f ' t )  <Pi - — (^o — 0 1) <1 ‘

If wc denote by U0 the gain in energy upon transition of one mole 
of an organic substance from the bulk of the solution to the uncharged 
electrode surface (at efcm), then at a potential e this energy gain 
will be

Ue
where is the surface area of the interface per one mole of the organic 
substance under conditions of adsorptive saturation. If the organic 
molecules possess a dipole moment, a potential difference e,y will 
arise on their adsorption, which will be numerically equal to the 
shift in the potential of the eloctrocapillary maximum caused by 
addition of an organic substance in a concentration required for 
adsorptive saturation

With account taken of this effect, one should write in place of the 
previous equation:

Ur +  ] -5 (10.30)

From ISq. (10.39) it follows that an organic substance whose adsor
ption brings about a decrease in the double-layer capacity must be 
adsorbed most strongly on the electrode surface near the ecm poten
tial. while its desorption from the electrode surface should be expe
cted at higher values of q> when Ue becomes negative. This conclusion 
is confirmed by a large number of experimental data.

In its physical meaning Rq. (10.39) is equivalent to a model in 
which the electric double layer in the presence of adsorbed organic 
molecules is represented in the form of two parallel-connected capaci
tors. the space between the plates of one of them containing water 
molecules and that between the plates of the other being filled with 
organic molecules. In other words, the charge on the electrode q is 
nddilivcly composed of the charges of the two capacitors, q0 and q,: 

q =  <7o (1 -  0) +  <7|0 =  C0q> (1 -  0) +  C, (<p -  e„) 0 (10.40) 
where 0 is the surface coverage hy the organic substance. This model
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consisting of two parallel-plate capacitors is one of the starling points 
in Frumkin’s theory. Another one is associated with the choice of 
the adsorption isotherm.

To start with, From kin assumes that the adsorption of an organic 
substance obeys Langmuir's equation

Be - A t  ( 10.'ll)

where c =  volume concentration of the organic subs ancc
B =  adsorption equilibrium constant, whose dependence on 

the potential may he written, according lo Eq. IHU.I) 
and the Boltzmann distribution law. in the following

£ - * e s p  {-— } - B0 exp ItrrZ (10.42)

where I’*, is the limiting adsorption corresponding to c oo and 
equal to I Q. From Eq. (10.41) and the basic equation of electro- 
capillarity

,!a = —q (Up — RTV cl In c =  —q d<f — B 7T«0rf In c (10.4:4)
it follows that the decrease of the interfacial tension due to adsor
ption of an organic substance at a given e (<p = const) is equal to 

Ao =  -  /f7T „ln  (1 -  0) (W.44)
Frumkin introduced into Eq. (10.44) an additional term lit !«■ utF. 
which lakes into account the attractive interaction between the 
adsorbed organic molecules

Aa =  - r tT T j ln  (1 -  0) +  nO2) (10.45)
where a is the attractive interaction constant. The combined solu
tion of Eqs. (10.43) and (10.45) after elimination of e yields a new 
isotherm

Be = . _ p cxp{ —2n0} (10.4<>)

which is now known as the Frumkin isotherm. The dependence of B 
on the electrode potential in this isotherm is given, us before, by

^*Tlm system of equations (10.40) lo (10.40) permits calculation of 
elcclrocapillary curves in the presence of different concentrations 
of an organic smbslance. First, the dependence of B on 9  is determi
ned from Eq. (10.42); then the relation between 0 and 9  is round 
from Eq. (10.40) for a given concentration of an organic substance 
and, finally, the dependence of Ao on 9  front Eq. (10.45). A compari
son made by Frumkin of elcclrocapillary curves calculated in this
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way and obtained experimentally in a 1/V NnCl solulion on addition 
of different amounts of tertiary amyl alcohol has shown their quali
tative agreement.

In recent years Damaskin has developed, on the basis of Frumkin’s 
conceptions, a quantitative theory of differential capacity curves 
in the presence of an organic substance. The key equation for the 
double-layer capacity at a constant concentration of an organic sub
stance can be deduced by differentiating Fq. (10.40) with respect to 
the potential:

C =  Co( l - 0 )  +  C ,0 -(C o<p+Cl (K(1- ,p ) | (10.47)

Taking logarithm of Fq. (10.46) and differentiating it with respect 
to the potential at c =  const, one obtains:

/ 30 \ _  3 Ini? 0(1—0)
' <><0 >' *r ' 1 — 2aO (I -0) 

At the same time, according to Fq. (10.42),
3 In B _  -  (7, (s.j -  q i

RTY„
Substituting Eqs. (10.48) and (10.49) into Fq. (10. 
equation

(10.48)

(10.49) 

i) yields the final

C = C0( l - 0) +  C,e +  {— rn T r l ~' f)l'' (10-50)

The third term on the right-hand side of Fq. (10.50) describes the 
characteristic maxima (peaks) on the differential capacity curves 
in the presence of an organic substance: these curves rolled adsorpti
on-desorption processes. The third term may be neelecled near the 
zero-charge potential, where (1 — 0) and cp differ i’iltle from zero; 
under these conditions the double-layer capacity will be determined 
from the formula for two parallel-plate capacitors:

C = Co (1 -  9) -f- C,0 (10.51)
Since the differential capacity curves are more sensitive to changes 

in the structure of the electric double layer than electrocapillary 
curves, a comparison of data calculated from Fq. (10.50) with those 
obtained experimentally has revealed additional regularities in the 
adsorption of organic substances on electrodes. For one thing, it has 
been found that the attraction constant a entering into the Frumkin 
isotherm (10.46) varies linearly with electrode potential. As shown 
by Damaskin, this regularity is attributable to the discreteness of 
the adsorbed dipoles of an organic substance.

A drawback of the theory discussed is that in quantitative calcu
lations one has to borrow the basic quantities for equations from 
data of cleclrocapillary and capacity measurements. Numerous



Ch. JO. Eleclroklnetlc and Electrocaptiianj Phenomena 263

attempts have therefore been made to refine the existing theory or to 
create a new theory of the double layer in the presence of organic 
substances.

In 15*28 Muller, Inking into account (he electrical properties of 
adsorbed particles, deduced the following expression in place of 
Eq. (1U.-'51J):

U = U0- \ \  ( a ' - a H2o)<PJ7 -- (^ '-^ H .o )  w ]  (10-52)

where a' and ctn2o =  polarizabilities of unit volumes of organic 
substances and water, respectively 

I>' and P Hjo =  permanent dipole moments of unit volumes 
of organic substances and water, respec
tively

v =  elementary volume of a dielectric which is 
transferred from a point of zero field strength 
to a point of field strength =  yip).

Equation (10.52) conluins fewer quantities borrowed from electro
capillary measurements than Eq. (10.39) and therefore permits cal
culations on the basis of the polarizability and dipole moments of 
organic substances. Like Eq. (10.39), the Butler equation is in quali
tative agreement with experiment and accounts for the decrease 
in the adsorbability of organic substances with the decreasing dis
tance from the elcclrocapillary maximum. The Butler theory however 
should be regarded as one of the versions of Frumkin’s theory since 
their basic premises do not differ substantially.

O' her theories of the adsorption of organic substances on electrodes 
differ from the Frumkin theory either in the form of the equation 
of state relating interfacial tension to surface excess or in the type 
of the adsorption isotherm describing the dependence of the surface 
concentration of an organic substance on its bulk concentration. 
A further difference consists in that the parameter chosen in the Frurn- 
kin-Damaskin theory to characterize the electrical stale of an ele
ctrode is the potential. According to Parsons, Devanathan and other 
workers, it must be the surface charge rather Ilian the potential.

Bockris. Blomgren and Conway make use of a modified Langmuir 
isotherm in which tho free energy of adsorption is a decreasing fun
ction of the surface excess raised to a power different from unity in 
contrast to the Frumkin theory, where it is raised to the first power.

Bockris, Devanathan and Muller take into account the competi
tion between the molecules of water and an organic substance for 
a site in the double layer and emphasize the role of the charge-depen
dent orientation of water dipoles at the interface.

The Frumkin-Damaskin theory is best applicable to the adsorption 
of saturated aliphatic molecular compounds with one functional 
group, which arc adsorbed on the electrode in one definite position
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The Bockris llicory provides I lie host agreement with experiment 
in the case of adsorption of organic cations.

It should be noted that the accuracy of present-day experimental 
data on the adsorption of organic substances, especially on solid 
electrodes, is not yet high enough for drawing unambiguous conclu
sions as to which theory and, more specifically, which adsorption 
isotherm describes most effectively the behaviour of organic substan
ces in the electrode-solution system. Only in some cases can this lie 
asserted with a sufficient degree of certainty. It is evidently necessary 
to reckon with the fact that the adsorption of aromatic compounds 
with one functional group or of organic substances with two ele
ctrically opposite functional groups occurs differently on positively 
and negatively charged electrode surfaces, as has been particularly 
stressed by Antropov and coworkers. The change in the mode of 
oriented adsorption calls for refining the isotherm equation in order 
to provide belter agreement with experiment.

The theory of the double layer in which all the specific features 
of the adsorption of organic substances on electrodes are taken into 
account is still of a semi-quantitative nature; its further development 
presupposes the improvement of experimental techniques and the 
availability of more accurate experimental data.

10.3. TIIE NULL POINTS OI- METALS

10.3.1. THE DEFINITION OF THE t;n XCEPTS 
“THE POTENTIAL OF AN UNCHARGED SURFACE"

AND “THE NULL POINT OF A METAL”; TIIE CORRELATIVE 
(“REDUCED") AND “RATIONAL" SCALES OF POTENTIALS

It follows from the Lippmann equation that at the maximum of the 
elcclrocapillary curve the charge on the metal surface will be zero ". 
On this basis Oslwald supposed that at the eleclrocapillary maximum 
for mercury not only the charge on the metal is equal to zero, but 
the electrode potential as well. For this reason it is precisely this 
electrode potential lliat should be chosen as a basis for the scale of 
potentials. Tliis scale is called the absolute or Oslwald scale of poten
tials. Since the potential of the eleclrocapillary maximum for mercury 
in solutions of capillary-active substances is about —0.20 V on the 
hydrogen scale, it follows, according to Oslwald. that in order to 
obtain the absolute potential of an electrode one should subtract 
—0.20 V from the value of its electrode potential on the hydrogen 
scale (see Table 7.2). The potentials obtained in this way cannot howe
ver be considered absolute in the light of present-day conceptions. 
The potential difference across the electrode-electrolyte interface is

11 The elcclrocapillary maximum is therefore also called the point oi :m 
charge. — Tr.
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nol equivalent lo Ihe electrode potential but constitutes only a cer
tain part of it. Therefore, if this potential difference is assumed to be 
equal to zero, one must also lake into account the contact potential 
difference between platinum and another metal (in this particular 
case, mercury), which is different from zero. Besides, as follows from 
liq. (9 .2.'i), apart from the term due lo ion exchange (which is equal 
to zero at the elcctrocapillary maximum), the metal-solution poten
tial difference also includes the term due to orientation of solvent 
dipoles. There are no grounds to think that this potential difference 
is zero at the elcctrocapillary maximum, if Oslwald were right, the 
elcctrocapillary maximum would always be at one and the same 
value of electrode potential irrespective of the solution composition 
and the nature of the metal. This assumption is nol confirmed by 
experiment. Thus. Gouy found that the potential of the elcclrocapil- 
lary maximum of mercury varies within wide limits depending on the 
composition of the solution. Other authors, for instance, Luggin 
(1895). established that the position of the elcctrocapillary maximum 
is different if low-melting alloys or liquid amalgams (e. g. lead amal
gam) are used instead of mercury. This phenomenon has been studied 
most thoroughly by Frnmkin and his collaborators. According to 
their data, the ecin potential of gallium is about —0.0 V and that 
of saturated thallium amalgam about —0.C5 V on the hydrogen scale. 
Following Ostwald. one could take any one of these values, just as the 
val.-e —0.20 V obtained for mercury, as the “absolute'' zero of ele
ctro.to potential and have three radically different “absolute" poten
tial scales. Thus, it has been shown that the potentials of clectroca- 
pillary maxima cannot be used to devise an absolute scale of poten
tials. lint at the same lime these potentials, which Frumkin named 
the null points of metals or the potentials of zero charge (pzc) are 
of fundamental importance in electrochemistry. On their basis Frum- 
kin suggested a correct solution of the so-called Volta problem, i.e., 
the buildup of the emf of electrochemical systems and its relation 
with the contact potential difference between metals.

The terms widely used at present as synonyms for the null point 
and the potential of the elcctrocapillary maximum are the potential 
of zero charge and the potential of an uncharged surface, which intro
duces confusion in the electrochemical literature. In order to avoid 
misunderstanding. Antropov suggested that a distinction should 
be made between the null point and the potential of an uncharged 
surface, and each be given a symbol of its own and used according 
to its meaning; the two terms may be combined into a single general 
concept, the potential of zero charge. The reason behind this is as fol
lows. The potential of the elcctrocapillary maximum of mercury 
(or any other metal) always corresponds to its uncharged surface; 
this value of potential could be called the uncharged-surface poten
tial (nsp) and denoted by e,- o- The position of the eleclrocapillarv
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maximum and the value of the corresponding potential for a given 
metal and solvent vary widely depending on the nature and con
centration of the substances present in the solution. At the same 
lime the partial value of the potential of an uncharged surface obtai
ned for a solution containing no capillary-active particles (except 
solvent molecules) is a constant characteristic of the given metal 
and solvent; this partial value of the potential of an uncharged sur
face should be called the null point and given the symbol e v. The 
null point and the potential of an uncharged surface are interrelated 
in approximately the same manner as the equilibrium and standard 
potentials of an electrode. The standard potential is known to be 
a special case of the equilibrium electrode potential er for a solution 
with unit activities of all the participants of the electrode reaction. 
In both cases the composition of the solution must be specified so as 
to obtain a value which would be a characteristic constant for a par
ticular electrode system.

Suppose we have a cell consisting of a metal immersed in a solution 
of its ions and a standard hydrogen electrode. The cell emf equal 
to the electrode potential eLM of metal M on the arbitrary hydrogen 
scale may be written, according to Eq. (9.13). in the form:

eLM =  gLM t  £mpi -r tfetL (10.53)
The Galvani potential across the solution-metal interface mav be 
represented, according to Eq. (9.23). as the sum of fom- terms

BLM =  gLMC,) T  gLM(S) T  g ' ’LM.dlp,, +  gLit<din,, (10.54) 
where the subscripts </, S, dip, and dip2 refer, respectively, to the 
potential-determining ions, specifically adsorbed ions, the dipoles 
of the solvent and the dipoles of any unionized organic substance. If 
g lm(9) =  o, the metal surface has no charge and the electrode poten
tial will correspond to the zero-charge potential

eLM =  g LM(S> +  g LMpUp,) +  SLM(,Mp,> "T £mPI T  gptL =

=  lme,- ,0 (10.55)
In accordance with what has been said above, the usp potential of 
a metal depends on the nature of this metal, the reference electrode 
used, the solvent nature and the solution composition. For the sele
cted metal and solvent the value of LMe, =.,0 may be different depen
ding on <7lm<s) (i-c., the nature and concentration of capillary-active 
ions) and (i-c., the nature and concentration of capillary-
active dipolar molecules). If, however, not only qLyiw is equal to

“  In fact, the quantity gj^tdip,, includes the potential differences due to 
lace la^rofU rm e"™ 0'  Which *  °D ,hcsolu,ion sido and lh° oth«r. in the sur-
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zero, bill ?LM(S, and j u , ^  as well, i.c., if there are no capillary- 
active particles in the solution, except the molecules of solvent L, 
then the following equation should be written in place of Eq. (10.55)

e LM =  lm£»-o =  sELM(jfpj) +  EuPt "r gp:L — Liie.v (10.56)
U can be seen from Eq. (10.56) tlial this partial value of the usp 

<i.e., the null point LMe;V) must be a constant because il is equal to 
Ihe sum of three constant quantities.

The null point may also be expressed in terms of the corresponding 
Volta potentials

Lsie,v =  .v’I’lm +  ^ pim -f 'fptn (10.57)
Here the metal-solution Volta potential must he a strictly definite 
•quantity ( yi)t m) corresponding to the difference of external poten
tials between metal M and the solution, in which the potential of 
the metal is equal to its null point.

I he thus determined null point has been chosen as the zero for the 
correlative (also known as reduced) or q> scale of potentials proposed by 
Antropov (1946-51). Theq) potential in the correlative scale is defined 
as the difference between the potential of an electrode under given 
conditions and its null point:

<p =  e -  e.v (10.58)

The l>\o terms on the right-hand side of Eq. (10.58) must naturally 
be expressed on the same scale (c.g. on the hydrogen scale); the value 
of the cp potential is independent of the chosen arbitrary or relative

SCSiV:re the values of e,v arc different for different metals (see Tables 
10.5' and 10.4), each metal will have its own correlative scale based 
on its null point. The correlative or <p scale of potentials is thus diffe
rent from any arbitrary and the absolute scale of potentials. This 
distinction is clearly seen in comparing the values of standard ele
ctrode potentials of some melnls on the hydrogen, absolute and 
reduced scales (Table 10.2).

I I can be seen from Table 10.2 that in the hydrogen and absolute 
scales the arrangement of the metals in order of increasing positive 
value of standard electrode potential and the differences between any 
two electrode potentials remain the same. In the correlative scale of 
potentials the order of arrangement of metals and the differences 
in the values of their standard electrode potentials arc quite diffe
rent since the physical meaning of the potential in any arbitrary 
(and in the absolute) scale and in the correlative scale is radically 
different. While the potentials expressed on the arbitrary scale are 
referred to a single definite electrode, whose potential is taken as 
zero, the potential of each electrode in the correlative scale is reckoned



Standard Potentials of Some Metals in Different Scales, V

Zn-»/7.a
Ke'-VFe
Cd!+/Cd
Tl*/Tl
HgJ'/Hg
Ag*/Ag

from its own zero, which is the mill point of this electrode mclal. 
I t  will therefore he wrong to use the 9 scale of potentials for solving 
problems associated with the thermodynamics of electrochemical 
systems or with electrode equilibrium and to use it instead of the 
hydrogen scale or the e scale of potentials. The correlative scale does 
not enable, for example, determination of the direction of a reaction 
and the cmf of an equilibrium electrochemical system with two ele
ctrodes of known <p potential. This task is easily handled with the 
aid of the e scale. The potential on the e scale however yields no 
information about the charge of the metal surface, the double-layer 
structure, or the most probable electrical nature of tiio.-e particles 
which are preferentially adsorbed on the electrode surface under 
given conditions, 'lliose (and other) data are especially im portant 
for understanding nonequilibrium electrode processes and can be 
obtained by using the 9 scale of potentials.

Proceeding from the definition of the 9 potential (10.58) and taking 
into account tha t the e potential, which is different from the e Y 
potential, is given by the equation

e LM =  ?I.M(9) gML<rflp,) -f- gMPt +  ffpiL (10.59)

one can obtain the following expression for the electrode potential 
on the 9 scale l*;

f  =  E — E.v =  g l.MOO "r ffl.MCdip,) — ,v?LM(dfj>,) (10.60) 

Equation (10.60) allows one to view the electrode potential on the 9  
scale as a measure of the charge on the metal (the intensity of the

11 Equations (10.59) and (10.60) refer to solutions containing no capillary- 
active substances (gLM(S) =  0).-
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ionic double layer ) an(1 i,**M0 as
oriental ion of polar solvent molecules j 
face upon transition from the mill pom 
lial (tlio difference between the qiiunlil 
There arc (grounds lo believe Unit tbo ■ 
<in a cliarge-free melal surface depends 
Hi,, value of ,vg i.m is approxinu
in aqueous solutions, 'llius, if, for ex a i

a measure of the variation in 
it tile inetal-electrolylc inlcr- 
I lo the given value of polen- 
ies 1/ i.m (,/ie.) "“ d ,v7t.M «/;.,)• 
iricntalion of solvent dipoles 
little  on its nature and that 

ilely Ibe same for all metals 
it pie. for metal /  and metal 2

S  L.u.t,) + A'I.M- on (.0,.L) -  .vA'l-il oo/.,.,

since I lie change of dipole orientation depends only on (lie electrode 
charge, and

ffLMi(l) =  t?LM ,(<!)
"I'lie equality of the 9 potentials of two or more metals is an indication 
that the ionic potential differences and the charges on the surfaces of 
these metals arc approximately equal. Tile same inference can lie 
made if the 9 potential is expressed in terms of the corresponding 
'Volta potentials. Knowing the values of the 9  potential, one can 
therefore compare different metals from the viewpoint of their char
ges and the conditions of adsorption of capillary-active substances 
on them. If the solution contains capillary-active substances, a study 
of (iu'ir adsorption on different electrodes at one and the same 9 
potential will enable one lo ascertain the peculiarities of their spe
cific adsorption on each particular electrode.

In 11M7 Grahamc. who studied elcctrocapillary phenomena on mer
cury. devised a potential scale which lie called the rational scale of 
potential. The potential on the rational scale is denoted by i|d and 
given bv the equation

t|,' =  e„„ -  (-0 .480) =  -J- 0.480 (10.01)

where e„„ is the potential of a mercury electrode with respect to 
the normal calomel electrode, and I lie constant value — 0.480 corre
sponds lo the potential of the cliarge-free surface of mercury in solu
tions of capillary-inactive substances, i.e.. lo the null point of mer
cury also referred (o the normal calomel electrode.

Obviously. Grahame's rational scale is a special case of Antropov s 
correlative scale as applied to the mercury electrode. No attempts 
were made by Grahamc to formulate a more general concept of the 
reduced scale, to extend it lo other metals and use it for comparing
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charges and the conditions of adsorption on various electrodes. The 
term “rational potential scale" cannot he considered adequate. Inde
ed. as pointed out above, the use of a scale based on the null points 
of metals may prove to be rational in some cases and irrational in oth
ers. Moreover, the word “rational", as distinct from “correlative", 
docs not reflect the essence of the scale. And, finally, the rational sca
le referred only to mercury (the application of this scale as devised 
by Grahame to other metals would turn it into the Oslwald absolute 
scale) was proposed after the reduced scale had been pul forward. 
For these reasons we will use henceforward the term “correlative” or 
“reduced scale of potentials”.

It should be noted that in certain cases, alongside the correlative n> 
scale, the correlative q>' scale may also prove useful, in which the <r/ 
potential is determined from the equation ’

•P' =  e ~  ei -o (10.H2)
that is, it is reckoned from the potential of the uncharged surface 
Ibis scale refers to a single clectrocapillarv curve whereas the q> 
scale relates to a given electrode and solvent. Thus, there exists 
only one 9  scale and an infinite multitude of 9 ' scales for each ele
ctrode (say. for a mercury electrode).

Adsorption phenomena play a very important role in tk in e t i c s  
of almost all electrode processes. The conditions of mlsorption of 
dissolved substances on the surface of an electrode are l:..a..|v gover
ned by the charge on this surface, i.c.. to a first approvim-dlon hv the 
value of its potential on the correlative scale, a scale 1> ■ cel on the 
null points (the potentials of zero charge) of metals I-or 'his reason, 
methods of determination of the null points acquire special importan
ce. Several methods are described below.

1. Capillary Fleet remoter Method. This method can he used to 
determine the null points (the potentials of zero chame) of liquid 
metals (c.g. Ilg, amalgams. Ga) in contact with electrolyte solutions 
and also of liquid metals in contact with molten salts. Karpachev 
and his coworkers have designed a special capillary electrometer to 
he used for molten electrolytes and determined the null points of 
a number of metals at temperatures above their melting points.

2. Dropping Mercury Electrode Method. The experiments carried 
out by Kucera (1912) showed that curves similar to clcctrocapillary 
curves can he obtained by using the relation between the weight o'r 
a falling-off drop of mercury and its potential. In a dropping mercury 
electrode drops are continuously formed, falling off from the capillary 
to the bottom. The drop formation (creation of a new interface bet-
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ween mercury and solulion) nl any potential. except the ecm poten
tial. is associated with the injection of charge, i.e.. the passage of 
a current. The potential of a mercury drop at which the current 
is zero corresponds to tlie potential of zero charge. The accuracy 
of this method is lower as compared with the capillary electrome
ter method, hut it is convenient for determining the pzr of electro- 
chemically unstable amalgams.

3. Differential Capacity Method. In dilute electrolytic solutions 
the potential of the differential capacity minimum of a mercury 
electrode almost coincides with the elcclrocapillary maximum obtai
ned for the same solution. Direct measurements of the double-layer 
capacity on passage of an alternating current were conducted as far 
back as’the 19lh century, but the results obtained were not reliable. 
The application of this'method became possible after the works of 
l’roskurnin and I'rumkin had been published. These authors showed 
that with certain conditions being observed (primarily, high purity 
of the solulion and mercury) the capacities measured directly and 
calculated from elcclrocapillary curves coincide within experimen
tal emus. Thus the validity of Lippmann s second equation was 
continued. The measurement of the differential rapacity of the doub
le lave r has turned out to he useful in studying not only the double- 
layer structure and the adsorption phenomena taking place at the 
metal- leclrolylc interface, but also the kinetics of electrode proces
ses.

Tin differential capacity method can be employed for determining 
the | ’ of any metal, hut in the case of solid metals complications 
arise ' taking it difficult to interpret the results obtained. These 
difliiolines are associaled with the fact that many solid metals, in 
particular all (he metals of the iron and platinum groups, arc capable 
of adsorbing and occluding considerable amounts of hydrogen and 
o\Viu:. This must affect the double-layer differential capacity and 
its variation with potential. Resides, solid metals usually have 
surface irregularities: micropores. cracks, dislocations of crystal 
lattice, etc. Tor this reason the potential of the differential capacity 
minimum of a solid metal cannot always he identified with the poten
tial of zero charge. The most reliable data have been obtained for 
soft metals such as lead. zinc, cadmium and thallium, whose surfaces 
most closely resemble 111......erctiry surface in their properties.

if. Tonic Adsorption Method. This method consists in determining 
the sign of the charge of capillary-active ions which arc preferential
ly adsorbed from the solulion on the metal surface at a given poten
tial. Anions are primarily adsorbed on positively charged and cations 
on negatively charged surfaces. If the potential is changed by shifting 
it in a definite direction, then the point of transition from the excess 
adsorption of anions to that or cations (or vice versa) will correspond 
to the potential of zero charge. Excess adsorption of cations or anions



•can be established either analytically, by determining the compositi
on of the corresponding solution, or by using a radiotracer technique. 
The ionic adsorption method is most successfully used for metals with 
a developed surface (e.g. platinized platinum).

5. Contact Angle Method. This method was proposed by Moller 
and improved by Frumkin, Kabanov, and others.

A gas bubble or a drop of a liquid immiscible with water is placed 
on the surface of a metal immersed in a solution. The metal surface
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is then subjected to polarization and the change of the contact angle 
0  at the boundary between the three phases is measured (Fig. 10.5). 
11 can be seen from Fig. 10.5 that the equilibrium comiOion will be:

ffiv — On -f oei. cos 0
where o is the inlerfacial tension between the two phases. After rear
ranging,

A curve of contact angle 0 versus potential e is similar to an electro
capillary curve—its maximum corresponds to the potential of zero 
charge. This shape of the 0 vs. e curve is probably explained by the 
Tact that a Vi. is independent of potential. o ,v changes verv slighllv 
with potential and all changes in the contact angle should be ascribed 
to 0 |.|. The accuracy of this method is inferior to that of the electro- 
capillary method. It can. however, be used for determining the pzc 
of melnls with a smooth surface.

Fischer and Morlos recently used a version of this method based on 
the relation between the contact angle 0 and the height It of the 
capillary rise of a liquid on a metal plate:

sin d =  1 -  p ghV2a
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where p =  density of the liquid
g = acceleration due lo gravity 
a =  inlerfaciul tension.

Kxperimenls curried out with nil amalgamated gold plate have 
shown that the minimum of the curve for the height of the liquid 
against tile plate potential is close lo the potential of zero charge 
found for the corresponding solution, and its variation with the 
solution composition agrees with data of eleclrocapillary measure-

G. Surface Hardness Method (The Pendulum Method). This method 
was proposed by Hehbindcr and Wenslrom (1945-49). It consists in 
measuring the logarithmic decrement of the oscillations of a pendulum 
in contact with a metal surface through a drop of an electrolyte 
solution. 'The logarithmic decrement of the oscillations was plotted 
versus the metal-solution potential difference.

According to Hehbindcr and Wenslrom. the decrement of the 
oscillations is associated with the deformation of the surface 
and the penetration of the pendulum into the bulk of the 
metal. The higher the free energy of the metal-solution interface, 
the greater the amount of work required to create a fresh surface 
and the slower the rate of deformation; hence more lime is needed 
now for the same relative decrement of the oscillations lo be attained. 
The maximum surface hardness coincides with the maximum surface 
energy and they both must be observed at the potential of zero char
ge. l iie Hehbinder-Wcnslrom method was modified by Bockris and 
Parry-.!ones (1953). who suggested that the position of the potential 
of zero charge should be determined from the minimum surface fri
ction. The determination of the pzc by these two methods requires 
high experimental skill, which limits their practical application.

7. Vibrating Boundary Method. The method, which was proposed 
by Watanabe in 1963, consists in the following. The surface of a li
quid metal charged to a definite potential is made to vibrate in the 
solution under study by means of a mechanical vibrator. The surface 
area of the interface between the metal and the solution changes at 
a definite frequency and (he electric double layer generates an alter
nating charging-discharging current on the surface. At the potential 
of zero charge the magnitude of the alternating current produced will 
be minimal (in the limit equal to zero). A shortcoming’of the method 
is that the measurements involve the passage of a current through 
the system. This lowers the sensitivity of the method, especially 
in dilute solutions, becnusc of a voltage drop caused by the solution 
resistance.

Mintz. and coworkers (1967) succeeded in increasing the sensitivity 
of the method by inserting a controlling resistance into the charging- 
discharging current circuit. This enabled measurements to bo made 
in slightly more dilute solutions.
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A modified version of lliis method was described by Yu. Gerasi
menko, M. Gerasimenko, and L. Antropov (1971). The electric double 
layer on the vibrating metal surface generates an alternating voltage 
(not an alternating current) having the same wave characteristic as 
mechanical vibration. The magnitude of the alternating voltage 
depends on the specified potential on the metal and tends to zero 
as this potential approaches the zero-charge potential. This version 
of the vibrating boundary method provides sufficient accuracy and 
can be used for measurements in very dilute solutions.

Other Experimental Methods for Determining the Potential of 
Zero Charge. The values of the pzc of metals can also be obtained 
by means of a number of other methods. One of these is based on the 
fact that under definite conditions the zero value of the eleclrokinctic 
potential corresponds to an uncharged metal surface. The magnitude 
of the electrode potential at which the electrophoretic (or eleclroos- 
motic) velocity is equal to zero may be identified bore with the poten
tial of zero charge. For the same purpose use can be made of tbc re
sults of experiments with deflection of a thin wire in an electric 
field; in this case the potential of zero charge may be identified with 
the potential of the wire at which it ceases to deflect. Further, an 
approximate value of the potential of zero charge can be obtained 
from data on the effect of salts on the kinetics of hydrogen evolution 
at the cathode. A new method for determining the pzc has been propo
sed by Dcrjaguin, Kabanov, and Birinlseva (19(iU). The posit ion 
of the pzc is determined by measuring the repulsive forces arising 
when two equally polarized metallic wires are brought close together 
(the crossed fibre method). The potential at which the repulsive force 
is at its minimum is taken as the potential of zero charge.

An interesting method has been devised by Gokhshtein. The method 
in essence is as follows. An electrode in contact with a solution is 
attached to a piezoelectric cell and charged at a definite frequency 
and rale to a potential kept within two volts. The range of variation 
of the potential remains constant whatever its value. Oscillations 
of the surface tension arising at the electrode-solution interface 
are recorded by the piezoelectric cell. As can be seen from the 
eleclrocapillary curves, one and the same amplitude of oscillations 
of the potential causes the surface tension to oscillate at different 
amplitudes; as the electrode potential approaches the elcclroca- 
pillary maximum, where the surface tension is almost independent 
of the potential (at sufficiently small variations of the latter), the 
oscillations of the surface tension fall sharply. The minimum 
of the curve of I lie surface tension amplitude against the poten
tial (its range being specified) must therefore correspond to the poten
tial of zero charge of the electrode. The first experimental data obta
ined by Gokhshtein support this assumption.
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Tli,. values of I lie pzc determined by the methods described above 
are presented in Table 10.3. When using the tabulated values of the 
pzc it is necessary to remember that the degree of accuracy largely 
depends on the method used for their determination. The most accu
rate results have been obtained by the capillary-electrometer and 
dropping-electrode methods. The null points of metals (except mer
cury) found by different methods coincide with an accuracy up to
0.1 V.

A direct comparison of the pzc of metals in solutions and in molten 
electrolytes is impossible because of the absence of a single scale of 
electrode potentials for aqueous solutions and molten media. They 
can nevertheless be compared assuming that the null point of some 
metal is the same both in solution and in molten electrolytes. Such 
a comparison has been made on the assumption that the null points 
of mercury in solution and in melts are equal (Frumkin, Antropov). 
The choice of mercury is dictated by the fact that it is in the liquid 
slate when in contact with aqueous solutions as well as molten salts. 
Besides. I he null point of mercury in aqueous solutions has been deter
mined with the greatest accuracy. With this assumption made, the 
null points of metals in molten electrolytes (with respect to the refe
rence electrode: lead and a eutectic of lithium chloride and potassium 
chloride) can be converted to the hydrogen scale by adding a constant 
value (equal to —0.1 V) to the values given in Table 10.2. A still 
belter agreement between the two rows of null points can be provided 
if their "values for molten electrolytes and solutions arc assumed to 
be equal not for mercury, whose null point in a molten electrolyte 
is determined with insufficient accuracy, but for lead. This is what 
was recently done by Lcikis and Ukshe. Thus, the null points of all 
metals in two different solvents differ by a certain constant value.

The results obtained by conversion are given in Table 10.5. where 
they are compared with the most probable values of the null points 
in solutions and also with calculated values. The agreement bet
ween the three rows of null points thus obtained is quite satisfactory.

Theoretical Calculation of Null Points. One cannot say with 
sufficient certainly (except for mercury) that the values listed in Tab
les 10.3  and 10.4 are really the null points of the metals and not 
their potentials of zero charge. This uncertainty arises from the fact 
that ions which are not surface-active at the mercurv-water interface 
are capable of being specifically adsorbed on the surfaces of other 
metals. Therefore, electrolytes in which, in the case of a mercury 
electrode, conditions are observed under which the values of pzc 
obtained are equal or very close to the null point of mercury in 
a given solvent, may prove to be surface-active for other metals, and 
the experimentally determined potentials of zero charge will differ 
from the null points. In this connection it would be very interesting 
to try and calculate the null points of metals theoretically. The basis
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'Experimental Zero-Charge Potentials of Metals in Aqueous .Solutions 
(on the Hydrogen Scale)

MC, — r , .V

Te 1A' NiijSOj Surface hardness (or 
pendulum)

C Adsorption

| Contact angle 
I Crossed fibres

-j-O.GO*

Pt (hydrogen 
atmosphere)

1JV Na-SOj, 0.01A' H2S04 +0.11 
+0.15 
+0.27 
+0.2 •

C (activated 
* carbon)
Ni

iN  Na5S04, 1A’ H.SOj Adsorption -0 .03*

0.001 A' HsS01 Hydrogen ovcrpolential —0.0G
C (graphite) 0.05Ar NaCl Surface hardness (pen

dulum)
-0.07*

Cu Acidified salt solutions ( Adsorption 
{ Contact angle 
I Surface hardness

— 0.0G 
-0.11
-0.20

Ag 1A: KNOa dil. AgN03 f Adsorption +0.05
I Ar KN03 dil. Agi\Oa Contact angle -0.02
0.002AT AgN 0 3 I Differential capacity

Hg Dilute solutions Various methods -0.19* to
-0.21

Sn 0.1 N Na,S04, 
0.01/V H ^0 4

Surface hardness -0 .24*

Fe 0.001 N HjS04 Differential capacityand 
hydrogen overpotential

-0 .37

Cr 0.01 A' NaOH Contact angle -0.45
Ga 1.0AT KOI, O.lAf HC1 Capillary electrometer -0 .62*
Zn 1N Na.S04 Surface hardness -0.G2*
Pb 0.1 A' Na,S04 ( Surface hardness — 0.5G to 

-0 .60
Dilute KCI, HC1 and 

HjS04 solutions
( Differential capacity -0 .65  to 

-0 .69*
Cd Dilute solutions of ele f Surface hardness

ctrolytes, 0.0051V KCI I Differential capacity -0 .89
T1 1AT NajS04 f Surface hardness -0 .66  to 

-0 .69
Dilute solutions of ele

ctrolytes
1 Differential capacity -0 .79*

Tl (Hg), satu
rated amal-

1/V NajS04 Capillary electrometer -0 .65*

Na^Hg)
Ig-atom/litre

0.1 N LiCl, NaOH Dropping mercury ole- -1 .92*
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TABLB 10.4
The Zero-Charge Potentials of Molten Metals ♦

MO,, «A- V Molten electrolyte , , c Mnt,,d

Te +0.G0 KCl +  LiCl eutectic 550 Capillary clcctro-

Sb +0.10 KCl +  LiCl eutectic 750 Capillarv olectro-

Sl> +0.30 Equimolccular incltof KC1 NaCI 700 Differential capa-

Hg -0 .1 0 KCl +  LiCl eutectic 420 Capillary oleclro-

Sn -0 .2 3 KCl LiCI eutectic 450 Capillary eloctro-

Sn -0 .1 2 Equimolccular molt of KC1 r  NaCI 700 Difforential capa
city

Bi -0.30 KCl +  LiCI eutectic 450 Capillary electro-

Bi -0 .1 2 Equimolccular melt of KCl +  NaCI 700 Differenlial capa- 

Capil'iary electro-A1 -0 .3 0 KCl +  LiCl eutectic 750

Ag -0 .3 0 KCl +  LiCI eutectic 1050 Capillary olectro-

Go -0 .4 0 KCl +  LiCI eutectic 450 Capillary clectro-

Pb -0 .4 7 KCl LiCI eutectic 450 Capillary olectro-

Pb -0 .3 5 Equimolccular melt of KCl +  NaCI 700 Differcnlial capa- 
city

Zn -0.55 KCl +  LiCl eutectic 450 Capillary electro
meter 

Capillary electroCd -0 .0 3 KCl-|-LiCI eutectic 450
meter

Cd — 0.G0 Equimolccular melt of KCl +  NaCI 700 Differential capa-

T1 -0 .6 4 KCl +  LiCl eutectic 420 Capillary elcctro-

T1 -0.G7 Equimolccular molt of KCl +  NaCl 700 Differential capa
city

In -0 .5 2 KCl +  LiCl eutectic 450 Capillary electro-

for such calculations was given by Frumkin. He assumed that the 
difference between the null points of two metals must be approxima
tely equal to the Volta potential between Ihem:

ie.v - 2e.v =  'l>i,2 = (10.64)
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Equation (10.64) has been confirmed qualitatively in the experimen
tal works of Karpachev and coworkers devoted to tile null points of 
molten metals. All the methods proposed for calculating null points 
(by Vasenin, Antropov, Delaliay and Huelsclii, Levin. N'ovakovsky 
and Ukslie, and others) make use, directly or indirectly, of Eq. (10.64). 
The approximate nature of this equation was noted by Frumkin. who 
expressed some ideas about possible causes of deviation of the rela
tion between the null points and contact potentials from linearity, 
ihe conditions under which Eq. (10.04) must be fulfilled have been 
discussed by Parsons and Antropov. It is impossible to substantiate 
theoretically the necessity to observe these conditions, and therefore 
the validity of Eq. (10.64) and also Ihe usefulness of the methods 
suggested for calculating null points can be proved or refuted only by- 
experiment.

Equation (10.64) can be transformed by solving it for the null 
point of metal 1 :

,e.v i-e.v +  '"‘y  ̂ ■ (10.05)

Eor calculations with the aid of Eq. (10.65) it is necessary to choose 
a certain standard metal 2. Mercury is Die best choice because its ele
ctronic work function and null point have been determined with 
least error; they are, respectively, 4.52 cV and —0.19 V.

Substitution of these values of 2e ;V and wf into Eq. (10.65) gives

Mev =  —4.52 — 0.11) =  —̂ — 4.71 »  — 4.7 (10.66)

Equation (10 .66) permits calculating the null point of any metal 
if its electronic work function is known. The accuracy of these cal
culations depends, apart from tile validity of starting premises, on 
how accurately the work functions have been determined. The depen
dence corresponding to Eq. (10.66) is shown graphically in Fig. 10.6, 
from which it can be seen that Ihe deviation of experimental points 
from the theoretical straight line is in most cases within experimental 
errors. Thus, by using Eq. (10.66) i f  is possible to calculate the null 
points of metals with an accuracy close to that provided by most 
direct measurements (±0.1 V).

"file null points of a number of metals have been calculated from 
Eq. (10.66) on the basis of the values of work function indicated 
in "fable 9.1. 'flic calculated values of null points are given in 'fa
ble 10.5.

Recently Antropov introduced the concept of the theoretical metul- 
solvcnt null point m/lCat, which is defined as a special case of the 
equilibrium metal-solution potential, when the charges on tile free 
surfaces of a metal and a solution are equal in magnitude and so are
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their external potentials ij:M and

I 'I’m =  | e,v (10.67)
With this condition, from the general equation for the equilibrium 

electrode potential on the hydrogen scale

m/l®jv =  —  ( 20)'m +  cojT -  (o f*  +  ZC0l + — —  D H, — z / H* j  (10.68) 

where w =  work function
D h, =  dissociation energy 
I h* =  energy of hydrogen ionization 

it follows that

m/ l *5 =  i r  ( z0)-'' +  ^ “ a»>- z^Xlo z l n ♦) (10.69)

The dissociation energy of hydrogen molecules and the ionization 
energy of its atoms arc independent of the nature of the metal and the

solvent and are equal to -122 and 13.60 eV, respectively. Consequently, 

m/le.v =  —  (ZO)M +  z ^ L0) — zFxl , — 15.71) (10.70)
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ii (ho null points 
e.. the quantity

M|/Le.V — Ma/Le:V 
1 to the difference in the electronic work funclior

Equation (10.70) shows that the difference belwi 
of two metals Mj and M2 in the same solvent L.

= - i -  ( u j i ,— Mstj) =  AiJimiMj (10.71)

..._ __   - s of these
meVais'and iriiuicpcndcnt of the solvent nature. Equation (10.71) 
coincides with the Frumkin formula (10.64), which thus refers to 
null points rather than to the potentials of zero charge and is ful
filled onlv when the assumption of the equality li e.,
Eq .(10.67)1 is valid. From Eq. (10.70) it follows also that the null point 
of any metal M in two solvents L, and L* is not a function of the 
m etal’s nature. Indeed.

M ,.,e'C -  m/Lĵ .v =  4- ^  ^  {iCl72)
that is, the difference between the null points of one and the 
same metal in two solvents corresponds to the Volta potential 
between these solvents. , , . f ,,

Because of the lack of experimental data the calculation of null 
points bv Eq. (10.70) can be carried out only for aqueous solutions. 
In this case, according to Izmailov and also to Conway, the quantity 
1 mTi'-) =  -68  keal/g-ion =  11.19 eV/g-ion and hence

M/HIoe, =  4 ^ - / ,= °-4 .52  (10.73)

The magnitude of the surface potential at the water-air boundary 
is 0.17 V according to the indirect data of Izmailov; according to 
Frumkin. it must lie between 0.1 and 0.2 V. closer to 0.2 V. If the 
value given by Izmailov is used, i.e., if it is assumed that yHs0 =  
=  0.17 V. then

m/ h:oe.v =  4 w-M- 4 -5 2 - 0 -17 = T w'M _ 4 -6 9 - T 0)tM _4-7 (10-74)
which coincides with Eq. (10.66). .

At present it cannot bo stated with a sufficient degree of certain I y 
that the null point calculated theoretically on the basis of the assum
ption (10.69) corresponds both in physical meaning and in magnitude 
to the experimental null point. iNcvcrthcless. the similarity of 
Eqs. (10.66) and (10.71), in which different initial values were used, can 
hardly be regarded as casual. Besides, Eq. (10.72) leads to the con
clusion that the differences in the null points are independent ot 
the solvent nature, which agrees with the data obtained so far on the 
null points in aqueous solutions and in molten salts. And. finally, it 
should be noted that Eq. (10.70) can be used to determine the surface 
potential yL (or v11*0 for aqueous solutions) which, as follows from 
the substitution of the values of e.v and for mercury into 
Eq. (10.71), must be equal to 0.19 V. This value of y11*-0 is only slightly 
different from the most probable value of the surface potential at 
the water-vacuum boundary found by other methods.



CHAPTER II 

The Structure of the Electric Double Layer 
at the Electrode-Electrolyte Interface

T!ic skulv of electrokinetic and eloclrocapillary phenomena has 
yielded definite experimental regularities. The theory of the double- 
layer structure at the mclal-elcctrolvte interface is the basis for 
interpretation of these regularities. Experimental facts may serve 
at the same time as a criterion of the validity of the various concep
tions of he double-layer structure. The most important results obtai-

b r s : : ^ s ^ ^ s r ,ic a,ul c,ec,roca')m̂  m.y
1. Apart from the total metal-electrolyte potential difference g, „. 

which is a concentration-dependent component of the electrode poten- 
, rr e.L*'- there also exists the electrokinetic or /.eta (£) potential

potential i 
dependen-usually smaller in absolute value than g, M~or e „ u 

ce on the solution composition is more sophisticated ... ...os. cases 
with increasing concentration of the electrolyte the /eta potential
J o'ViIr'r «  JU v  "S V , Cr<\ r VldCd thal lllc solution contains no surface-active ions. When the concentration of the solution clian- 
ges. a reversal of the sign of the £ potential may result though the 
sign of the e potential remains the same. This rovers ,1 „f the sic. 
of the * potential and the associated recharging of the metal surface 
is observed in the presence of surface-active (or c . rv-oct vel 
and polyvalent ions. 1 5  ’ ;

2. The differential capacity calculated from elcctrorapillarv enr- 
I tu T t  d,reCl ̂  ,s a function of the electrode potential.

■ m m "  111 1C rCgl°" °f ',olpnlii,ls adjacent to the zero-
n i ^ n J  cm ? !v . ^ ^ C,,ry, “ giV,>,.‘ ;i0,U,i0n- Vor so'ntion-s con.ai-,110 c<»I*'* 1 •«!>-acti\e substances the magnitude of capacil-----
d l t e f  ™ r llarV ,aXi,m^  ‘'w ^ e s 'r^ n 'ia r 'iv  a's‘ ihe ^lu tim . 'is diluted, lho capacitance on the negative (descending) branch of the 

s usually lower than on the positive (asccn- 
varies slightly with

clectrocapillarv curve 
ding) branch; 'in many electrolyte solulio 
potential, from 1;. to 20 uF/'cnr.

of \h e '°d o iib l^  "l't'^he0 m" M r(jn'*s ,‘.c conceptions
nrinein-.l il.nor. ' V . 1 the metal-solulion interface; the principal (hcoru.s of the double-layer structure are discussed below.
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11.i. TI1E PARALLEL-PLATE CONDENSER THEORY 
OK THE DOUBLE LAYER

The lirsl quantitative theory of the double-layer structure at the 
metal-solution interface is usually associated with the name of Helm- 

ollz. According to Helmholtz. (1853), the double layer may he 
remrded as an equivalent of an electr.cal parallel-plate condenser, 
one plate of which coincides with the plane passing through the sur
face^charges in the metal and the other with the plane connecting 
he centres of the ions residing in the solution 1ml attracted to the

Ki„ II I The Helmholtz model ol Hie double layer: ,1- molecular picture; 
variation of potential will, distance from the mclal-solut.on interface

metal surface by electrostatic forces (Fig. 11.1). Tlie thickness of the 
double laver I (i.e., the distance between the condenser plates; is 
“  to be equal to the ionic radius r,. By the law of eleclroneulrali- 
lv which also holds for the phase boundary, the number of 10ns 
drawn to the metal surface must be such as to precisely compensate 
the surface charges of the metal, i.e.,

7m =  —9 l

if r/M and <7. arc surface charges per unit area (or charge densities) 
on the metal side and the solution side of the interface.

From the familiar equation for the parallel-plate condenser it 
follows that the charge density is directly proportional to the meta - 
solution potential difference due to a complete double layei.

< " - 2>
where C is the capacity (capacitance) of the double layer.

The model of the electrical double layer in accord with these sim- 
plest conceptions implies two possible values of the zeta potential.
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,I'ovi|1V?^®ul,1,c<* that all the charges in the solution arc capable oi 
vi'ig rclali - ,Cr w' 1*1 l^e li*l***<l or arc not entrained by a solid mo- 
magnitu',l0Vl!-1,° llle I‘q»id. the zcla potential will then coincide in 
c o n cen in r"* 1*1 l*lc £lm potential and its variation wiLb electrolyte 
sent in il l°n must obey the Nernst formula. But if the charges pre- 
togelher \CMS°*Ul*on arc bound strongly with the solid and move 
other) ii, i1 **" ("hen the liquid and the solid move relative to each 
corollarjr. 0 Potential will always be equal to zero. None of these 
ntenlallv- °* Helmholtz theory is consistent with the experi- 
°r with ti eslablished relation between the e (or gL>i) and £ potentials 
if it is *1° cxI,ori,nenlal concentration dependence of the £ potential 
central ! i ”ssi,n,«d that the latter may be equal to zero in very con- 
com.«.,Ul veolrolyle solutions or at a definite solution composition 
does ix’T , >UF .l ° *he isoelectric point. Also, the Helmholtz theory 
chaniFc° l" '1’ ,lln wby the surface charge density on the metal surface 
rv - i c r - <U a,I»‘Vcn value of the e potential in the presence of capilla- 
niiuUIV| . i  t,nc!S' At the same lime the parallel-plate condenser 
r .  . , ‘Redouble layer allows one to obtain double-layer capacities
i......  U-.t with experiment and also a physically plausible double-

il , llcj<nt.,ss based on experimental values of the capacity. For 
.  ol,“ c layer having the properties of a parallel-plate condenser one can write

bemg equal to the dielectric constant (permittivity) of the met 
idling the space between the plates of the condenser.

in solutions containing no surface-active substances the caps 
of a mercury electrode on the negative (descending) branch of 
clectrocnpillary curve is on the average 20 pF/cm2. Since

1 faraday =  L coul°ml> ><g* l0‘ =  9 X 10“  esu of capacity

then 1 pF =  1 0-»F =  9 
I I 
D 4jiC

106 esu of capacity and hence- 

0.4 x  10"s cm

If we assume that the solvent in the double layer is in a stale close 
to dielectric saturation, the dielectric constant may be taken to be 
close to unity (from 1 to 5). The thickness of the double layer will 
then be of the order of 10“8 cm. which corresponds to the usual 
ionic radii. Similarly, by substituting the value of ionic radius
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(n X 10’“ cm) for I into Hq. (11.4) and assuming that D lies between 
1 and ">, one can obtain double-layer capacities coinciding with 
experimental values. However Eq. (11.3) does not account for the 
experimentally observed change in the capacity with potential and 
with ion concentration in solution. The Helmholtz theory is thus 
incapable of providing a satisfactory interpretation of the basic 
experimental regularities associated with the double-layer structure 
and cannot therefore be considered perfect. In many cases, however, 
especially in the region of concentrated electrolyte solutions, this 
theory leads to conclusions which agree with experiment. Hence, the 
Helmholtz theory reflects more or less correctly the true structure 
of the electrical double layer.

11.2. TIIE DIFFUSE-LAYER THEORY

The Helmholtz theory does not take into account that the proper
ties of the double layer change with electrolyte concentration and 
temperature. Gouy (1910) and Chapman (1913) made an attempt to 
eliminate this weakness of the Helmholtz theory by relating the 
charge density in the double layer to the solution composition. 
They noted that the strictly fixed array of ions postulated in the 
parallel-plate model is in fact impossible because, apart from the 
electrostatic forces arising between the metal and the ions, the latter 
are also acted on by the forces of thermal molecular motion. Under 
the combined effect of these forces the ions in solution are distributed 
diffusely relative to the metal surface, the space charge density 
decreasing with distance from it just as the density of the atmosphere 
changes with height. Eor this structure of the double layer one cannot 
make use of the formula for a parallel-plate condenser to express the 
relation between the potential and the charge density. In accordance 
with the law of electronentralily one can write:

9m =  —9 l

i.e.. the net charge density qL on the electrode must be equal in 
magnitude and opposite in sign to the net charge density qi, on the 
solution side. But in order to find the value of as a function of 
potential some definite assumptions must be made on the law of its 
variation with distance from the electrode. Gouy and Chapman main
tain that the ions may he viewed as material points having no 
volume but possessing a definite charge and that their distribution 
in the field of the charge smeared uniformly over the electrode 
surface obeys the Boltzmann formula (Fig. 11.2). The value of q\M is 
determined in this case by summation of all the excess charges of the 
ions (positive for a negatively charged and negative for a positively 
charged metal surface) present in a liquid column normal to the 
electrode surface and having a cross-sectional area of 1 cm1.
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The magnitude of the surface charge per unit, area on the solution 
side of the interface is found in the same way as the charge density 
of the ionic atmosphere in calculations of the ionic activity coeffi
cient by the first approximation of the Debye-Huckel theory >>. 
The starting points in both cases arc the Boltzmann and Poisson

equations. In determining (yL. one coordinate is suffici 
the distance from the electrode surface into the bulk of 1 
In this particular case Poisson’s equation (2.31) is s

cut, namely 
lie solution, 
implificd to

(11.5)
One can therefore write for qti

/-Dr Tc FgLm'
9 L = K T i r < e 2,<T 2,,r ) (11.6)

Equation (11.6) refers to a completely dissociated uni-uni 
ry electrolyte (a =  1, c+ =  c_ =  c) which obevs the la 
gas systems.

valent bina-

The concept of the zeta potential does not figure in the diffuse- 
double-layer theory and its value therefore docs not appear in 
hq. (11 -ti). Nevertheless, this theory is in belter agreement with the 
regularities established in studying electrokinctic phenomena than 
the Helmholtz theory. Indeed, if one assumes that beyond a certain 
distance, say the ions arc no longer bound stronglv with the ele
ctrode surface during the relative motion of the solid and liquid 
phases, the value of the potential corresponding to this distance 
(see rig. ll._) may then be identified with tile zeta potential. By

11 *' Tll.° ,"orks c,011>' «nd Chapman were published before the Dcbve-Hiickol 
lheor> and served as a stimulus for the development of this theory.



h. 11. The Structure 0/ the Double Layer

the Gouy-Chapman theory and also according lo an analysis of cle- 
clrokinctic phenomena, the /.eta potential is in fact different from 
both the total potential difference <7j.m and the electrode potential 
e, £ being smaller than gLM. If the concentration of the solution 
increases, the charge density qx, will also increase simultaneously. 
The forces of attraction between the metal surface and the oppositely 
charged ions become stronger, while the degree of diftusion and the

Fig. 11.3. Comparing the experimental (a) and theoretical (fi) (according to 
the Gouy-Chapman theory) curves of differential capacity for O.OOliV NaF

magnitude of the zeta potential decrease, which agrees well with 
experimental data. The Gouy-Chapman theory however docs not 
account for such experimental facts as the reversal of the sign of 
the u potential and the recharging of the metal surface. According 
to this theory, the sign of the £ potential must always be identical 
with that of the total potential difference across the metal-solution 
interface.

The value of the capacity can be obtained by differentiating both 
sides of Kq. (11.6) with respect lo the potential which may
be replaced, with a certain degree of approximation, by the electrode 
potential on the correlative (p scale.

figure 11.3 compares the experimental curve of the variation of 
the double-layer capacity with the tp potential for a mercury electrode 
in an aqueous O.OOliV NaF solution, obtained by Grahamc, with 
the theoretical curve calculated for the same solution from Eq. (11.6)
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after its differenliatioD with respect to the <p potential. Neither iho 
course of the theoretical curve with potential nor the absolute values 
of capacity agree with experimental data ■>. The discrepancy becomes 
still more pronounced for concentrated solutions. The calculated 
capacities are several times, oven several lens of limes, as high as the 
experimental values. For example, the experimental values of the 
capacity in 1.0 jY solutions of NaF and KC1 at the point of zero charge 
(the elcctrocapillary maximum) are, respectively. 25.7 and 
39.0 pF.'cnr. while calculations yield a value of 228.0 uF/cm'-. This 
discrepancy arises from the neglect in the Gouy-Chapman theory of 
the volume of ions, these being regarded as point charges. As a re
sult. in the diffuse-layer model nothing prevents the ions from gelling 
infinitely close to the metal surface, th e  solution portion of the dou
ble layer may prove to be localized, despite its diffuse structure, in 
a very thin lamina of thickness considerably smaller than the ionic 
radius. According to Eq. (11.4) the capacity is inversely proportio
nal In the double-layer thickness. The possible compression of the 
diffuse layer to a thickness smaller than the ionic radius results in 
overstated values of the capacity. Thus, the Gouy-Chapman model, 
although providing a bet ter explanation of elec.lrokinctic phenomena 
than the Helmholtz theory, proves less efficient when applied to 
quantitative calculations of tile double-layer capacity.

11.3. TIIE ADSORPTION THEORY OF THE DOUBLE LAYER 

The Gouy-Chapman theory is best justified where the Helmholtz 
theory is round to he inapplicable, and. conversely, where the diffu
se-charge model yields wrong results, the parallel-plate model provi
des a belter agreement with experiment. Hence, the structure of the 
electrical double layer must he described bv a certain combination of 
the models proposed by Helmholtz and Gouy. This synthesis was 
made by Stern in 1924 in his adsorption theory of the double layer. 
According to the Stern picture, part of the ions in solution stick to 
the electrode, forming the Helmholtz sheet of the double layer with 
a thickness corresponding to the average radius of the electrolyte 
ions 5>. The remaining ions in the double layer are diffusely spread 
out with decreasing charge density. Like Gouy, Stern neglected the 
size of the ions in the diffuse portion of the double layer. Besides, 
Stern suggested Ihnl in the Helmholtz region the ions are held not * 11

charge on the metal.
Stern followed the path outlined by Debye and Hiickcl in their 

f!c.0, ^  approximation. Thus, the advances in Iho theory of solutions contributed
11 rlJ ,0. ^ c development of the theory of the double laver at the elcctro- dc-clcctrolyto interface.
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oi,iv bv electrostatic forces but also by forces of specific adsorption, 
which 'are of noncoulombic origin. In solutions containing capillary-

" W  llier.-forc k .  . J * v . t o U .  -  “ f S S i S j S
but exceed it by a cerlai 1 amount depending on the properties of

the ions and the elinrgc of the metal. Thus, according to Stern, two 
models of the double layer should be distinguished, one pertaining 
to solutions of capillary-inactive electrolytes and the other to 
solutions containing specifically adsorbed ions (Fig. 11.4). As before,

7m =  —7i,
However, in contrast to the Helmholtz and Gouy-Chapmon models 
the Stern model pictures the charge density 7 l  on the solution side 
as consisting of two parts—the charge density in the Helmholtz 
layer qw and the charge density in the diffuse layer <?<,:

7 l  =  7h - f  q,i — —7m (11.7)
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The quantity qL can be determined by the formula

(11.8)f/L =  4 ^ U ,LM(7) — ?)

which differs from Eq. (11.3) of the parallel-plate model in that it 
contains a potential fall in the Helmholtz region of the double layer 
instead of the potential difference

Taking into account that beyond ihe distance r , the charges in 
the double layer are distributed diffusely, one can write the follo
wing equation for qd:

As distinct from the Gouy theory, the quantity q,t in Eq. (11.9) 
depends not on the whole metal-solution potential difference but on 
that part of it which covers the potential drop in Ihe diffuse portion 
of the double layer. In order to find the value of r/„, Stern assumes 
that the energy of the ion on the metal surface and in Ihe solution 
is not the same. It differs by a value made up of the electrical work of 
transferring the ion from the bulk of the solution into the Helmholtz 
Inver, ± / '£ , and the energy of ion adsorption <[). Using the same 
urgumcnl ns in the familiar derivation of the Langmuir adsorption 
isotherm, Stern arrives at the following equation:

where =  maximum number of ions capable of being adsorbed 
on a unit surface aren 

and <I>+ =  energies of adsorption of electrolyte anions and 
cations.

Combining Eqs. (11.8). (11.9) and ( I I .10). Stern obtains the gene
ral equation (known as the Stern equation) for uni-univalent electro
lytes:

.—  U lm < „ - £ ) -  ^ r nias
t

( 11. 11)

"a
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. to define the zcUi potential as theThe Stern theory allows   .
potential /all beyond the Helmholtz double layer, i.e., as the poten
tial fall in the di/Iuse portion, where the ions are no longer strong y 
hound with the metal surface ■>. Thus defined, the £ potential should 
not coincide with gMUq) or with the Ncrnsl potential, and this is 
confirmed by experiment. From the model presented in Fig. 11.4 
it follows that in solutions of capillary-active electrolytes the £ 
potential not only does not coincide with the total Potential diffe
rence in magnitude but may also be opposite in sign. Thus, Stern s 
theory was able, unlike Ibe Helmholtz and Gouy-Ghapman theories, 
to account for the experimentally observed recharging of the surface 
of a solid body and the change of sign of the elcctrokinetic potential.

Equation (11.11) shows that as c 0 its right-hand side must also 
tend to zero and, consequently,

?I.M(<f)c„o “*■ 5
i e at an infinitely small concentration all the charges in the solu
tion are randomly distributed and the double-layer structure is des
cribed by the Gouy-Chapman theory. Conversely, as the concentration 
increases the degree of diffusion will diminish since <?H increases 
proportionally to the concentration c to the first power, while qd 
increases proportionally to c'i>. i.e., slower than q„ and, consequent
ly for concentrated solutions the quantities qd and £ may be disre
garded as compared with qH and ry,.»,(,)■ In concentrated solutions 
the structure of the double layer is closely similar to the model 
propo-vd by Helmholtz. In the region of moderate concentrations 
where ;  is comparable with RT!F in magnitude, its dependence on 
concentration can be expressed by the following approximate equa
tions based on the Stem formula:

(1) for positive values of £i = (11.12}

(2) for negative allies of £

:  =  £ ' + - (11.13)

where 11 and B' mav be taken as approximately constant quantities 
for conditions undei1 which the charge on the metal surface does not 
change sign. 11

11 Equation (11.11) corresponds to the assumption that only the first ion 
laver adjacent to the metal surface is stationary; if the bonding between the 10ns 
and the electrode remains sufficiently strong in one or several subsequent ionic 
layers the value of the zela potential contained in the equations of the Stern 
theory must be larger than the £ potential determined experimentally from the 
results of cleclrokinetic measurements.
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The Stern theory yields a correct interpretation of the dependence 
of the shape of the electrocapillary curve on the concentration and 
nature of the electrolytes present, though, as pointed out by Esin 
and Markov on experimental evidence (the Esin-Markov eflect) 
it does not provide quantitative agreement with experiment. In 
calculating the capacity by the Stern formula it is necessary to 
remember, in accordance with the Stern model, that the total capaci
ty C of the double layer is composed of the capacity C„ of the Hel
mholtz region and the capacity Cd of the Gouy region of the double 
layer, the latter being in series with C„:

ir-h+h <«-14>
With the assumptions made by Stern the capacity of the diffuse 

layer (the Gouy region) must be considerably greater than that of 
the Helmholtz region and, as follows from Eq. (11.14), the total 
capacity is determined mainly by the capacity of the Helmholtz 
portion of the double layer. The determination of the capacity bv the 
Stern theory therefore leads to results consistent with experiment 
both in the magnitude of the capacity and in the character of its 
dependence on the electrode potential and the solution concentra

t e .  FURTHER DEVELOPMENT 
OF THE DOUBLE-LAYER THEORY

The Stern theory is a more or less correct reflection of the structure 
and properties of the electrical double layer. Both the theorv and 
the corresponding double-layer model are used in investigations of 
electrochemical phenomena in which the double-Inver structure 
plays an important role The Stern theory, however.' as admitted 
by its author, is not free of defects.

Many attempts have been made to elaborate such a theory of the 
double layer that would agree quantitatively with experimental 
data. For example, Rcuss (1926-28) suggested that inside the metal, 
too the charges arc not al localized in one plane, but are distributed 
in the bulk of the metal with gradually decreasing density. The 
concept of two diffuse layers on either side of the interface is hardly 
applicable to the case where one of the contiguous phases is a metal'. 
I t  may hold true for the boundary between ion-conducting phases 
and also for the interface between a semiconductor and a solution. 
Esin and Shikhov (1943) improved the Stern theory by taking into 
account discreteness-of-charge effects. They assumed that adions 
(specifically adsorbed ions) will be present in the double laver as 
mutually associated ion pairs each pair consisting of an anion and 
a cation. This idea was further elaborated by Ershler (1946), who
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advanced the viewpoint that the hexagonal array of the adions 
associated with a distorted ionic atmosphere on the solution side ot 
the interface is the most probable. The Ershler model permits 
a satisfactory interpretation of the role of capillary-active ions 
in the shift of the eloclrocapillary maximum

The theory of the double-layer structure was further developed 
in the works of Frumkin and his school and also of Grahamc. Parsons, 
Devanathan and other workers. According to these ;'" ‘hors ^  
planes should be distinguished in the dense portion of the double 
layer- the inner and outer Helmholtz planes. The inner Helmholtz 
plane (referred to as I HP) is composed of spccifical y adsorbed ions, 
partly or completely dehydrated and forming dipoles with the 
metal The outer Helmholtz plane (OHP) contains hydrated 10ns 
drawn to the metal surface by electrostatic forces. Between the 
OHP and the bulk of the solution is a diffuse layer. I t has been 
shown that in many cases this model of the double layer has a num
ber of advantages over the Stern picture. It provides a rn re  C0“ P™- 
hensive interpretation of experimental regularities. Much attention 
s focussed at present on the role of solvent molecules and adsorbed 
incharged particles in the formation of a double layer at the metal-



PART FIVE 

Nonequilibrium (Irreversible) Electrode 
Processes

The practicnl utilization of electrochemical systems (as chemical 
sources of current or as electrolytic cells) is always associated with 
an electrochemical reaction proceeding in one direction at a finite 
rate. Natural electrochemical processes such as the corrosion of 
motals under the influence of the environment, also proceed in one 
direction at a perceptible rale. In both cases, therefore, electroche
mical systems are not at equilibrium and their properties are essen
tially different from the properties of the corresponding equilibrium 
(reversible) systems.

Since the overall reaction in an electrochemical svstem, or cell, 
is composed of electrode reactions, the behaviour of each of the 
electrodes under irreversible conditions must differ from their 
behaviour under equilibrium conditions. The equilibrium state of 
an electrode can he characterized as follows.

1. The rate at which an electrochemical reaction proceeds in the 
anodic and cathodic direction is the same on the equili hrium electrode 
os a whole and on any portion of it sufficiently large as compared 
with the size of molecules. If the electrode reaction can he 
represented ns

M*+ -f- =  M
the transfer of one and the same type of ions M-- across the electrode- 
electrolyte interface occurs at equal frequenev in both directions. 
Since any electrochemical reaction involves charged particles, the 
frequency of the transfer of charged particles in either direction 
must be equivalent to a certain amount of current. At equilibrium

Ia =  /<■ =  /°
where /„ and I c =  currents corresponding to anodic and cathodic 

processes



Part Five. Nonequilibrium Electrode Proceuet 295

10 =  exchange current density equal to l a and I c 
each in absolute value; it characterizes the 
kinetics of ion exchange under equilibrium 
conditions.

•> The rates of one and the same electrode reaction in two opposite 
directions being equal, no changes occur in the qualitative and 
quantitative composition of a system at equilibrium The nature 
and mass of electrode as well as the composition of the electrolyte 
remain unaltered. , . ,, .

3 Since the parlial currents /« and / c are equal, it follows that
under the conditions of established equilibrium the charge on the 
metal with respect to the solution and hence the electrode potential 
are independent of lime; they are determined only by the composi
tion of the system, its temperature and pressure. Hie electrode 
potential e under these conditions is called the reversible or equilibrium 
electrode potential. Its value (on the arbitrary scale) can be calculated 
with the aid of general thermodynamic equations provided the elec
trode reac lion, the activities of the reacting substances, the tempe
rature aud pressure are known. . . . .

4 The omf of an equilibrium electrochemical system is detcrmin- 
e free-energy change in the reaction taking place in the cell.

........  iecirochemical system, i.e., a system in which
..___ions proceed in a given direction at a finite

ncterized by the following features.
n electrochemical reaction in the anodic and 
is not the same

ed by t
A none quilibrium ele

electrodei-mical reaclio
rale, is characterized

1. The rale of an c
cathodic directions is

Neither of the partial
density. As a rule, in a
svsleni „no of the two
to the I'wo electrodes

/ .  ¥=I, ¥=1°
uul currents is equal to the exchange current 
n a nonequilibrium (irreversible) electrochemical 

• u. ,,.c two possible electrode reactions (corresponding 
, electrodes of the cell) proceeds predominantly in the 

anodic direction and for this reaction 

I a >  I  c
and the other, predominantly in the cathodic direction and for it 

/ „ < / c
In the case of the reaction

M;+ +  ze =  M
the transfer of one and the same type of ions across the electrode- 
electrolyte interface takes place at different

2. Because the reaction proceeds predominantly in one direction 
the mass (and often also the nature! of the electrode and the compo-
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silion of the solution near the electrode are ultimately found to 
be changed as compared with the state of equilibrium.

3. The electrode potential t ,  is not, in a general case, equal 
to the equilibrium electrode potential er and cannot be calculated 
thermodynamically. Its value depends not only on the nature of the 
system, the temperature and pressure, but also on the current inten
sity.

4. When a steady-state process is set up, the nonequilibrium 
electrode potential may be found practically independent of lime, 
like the equilibrium potential. This steady-state value of the elec
trode potential tinder the applied current is called the stationary 
or steady-state potential e,.

5. The magnitude of the voltage Et for irreversible electrochemi
cal systems is different from the reversible value of emf E r. The 
voltage of galvanic cells is in this case lower and the voltage across 
the electrolytic cell larger than the reversible emf. The value of 
Et is not determined unambiguously by the change in the free energy 
of the corresponding reaction.

Thus, for an irreversible electrochemical system, or cell, there 
must exist a definite relationship between the current intensity 
and the rale of the chemical change taking place in il and also bet
ween the current intensity and the voltage E, or the potentials 
involved in the electrode system.



CHAPTER 12
The Chemical Effect of Electric 

Current
12.1. FARADAY’S LAWS

12 1.1. THE ESSENCE OK FARADAY’S LAWS.
ELECTROCHEMICAL EQUIVALENTS 

Since I he passage of an eleclric current through electrochemical 
systems or cells, entails chemical reactions, a definite relationship 
must exist between the quantity of electricity passed through the 
cell and the amount of chemically reacted matter. 'Ihis relationship 
was discovered by Michael Faraday and expressed in the first quanti
tative laws of electrochemistry later named Faraday's Laws of 
Electrolysis.

Faraday’s first law stales that the amount of reacted substance 
is directIv proportional to the quantity of electricity passed through 
the cell. This law is mathematically expressed by the equation 

Am =  keIt  =  k #  (12.1)

where Am =  amount of chemically reacted substance 
kc -- proportionality factor
q =  quantity of electricity equal to the product of the 

current /  by the elapsed lime t.
If q — It =  1. then Am =  kr, i.c., the coefficient k c represents the 
amount of chemical change produced by a unit quantity of electri
city. The coefficient ke is called the electrochemical equivalent. As the 
unit quantity of electricity may be expressed in various ways 
(1 C -  1 A-sec; 1 F - 26.8 A-lir =  96.500 C), a distinction should 
be made, for each particular reaction, between electrochemical 
equivalents corresponding to these three units: a-scc^i \-htkt and 
Fk c. For gaseous and liquid substances the expression for the electro
chemical equivalent may contain volume instead of mass. Electro
chemical equivalents for some important reactions are listed in 
Table 12. 1.

Faraday’s second law reflects the relation between the amount 
of chemically reacted matter and its nature. From the second law 
it follows that at a constant current the masses of the reacted substan
ces are interrelated in the same way ns their chemical equivalents ,1:

^  =  - ^ 1  =  ^ 2.=  . . . =  const (12.2)

If the farnday is chosen as the unit quantity of electricity, then 
Am, =  fA„ =  A,, Am2 =  =  A 2 and Am3 =  Tk o3 = A 3
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from which, in accordance vith the definition of fk? at q =  i F.

A p  =  _^p =  J4 ^ =  _ const = 1  (12.3)

The la-d equation makes it possible to combine the two Faraday laws 
into a single general law, by which the amount of electricity equal 
to one Faraday (or 96,500 coulombs or 26.8 amperes per hour) invari
ably produces an electrochemical change of one gram-equivalent 
of a substance.

12.1.2. CURRENT EFFICIENCY 

Faraday’s laws are the most general and exact quantitative laws 
of electrochemistry. In most cases, however, the amount of a given 
substance undergoing electrochemical change is smaller than could 
be expected on the basis of Faraday's laws. For example, if a current 
is passed through an acidified solution of zinc sulphate, about 
0 .6  g-eq of zinc instead of 1 g-eq is usually deposited per one fnraday 
of eloolrilily consumed. Similarly, if chloride solutions are subjected 
to electrolysis, the passage of one faraday of electricity will produce 
not one bill a little less than 0.9 g-eq of gaseous chlorine. These 
examples however are only apparent deviations from Faradays 
laws. These laws postulate that the amount of a substance (simple 
or complex) undergoing chemical change as a result of the passage 
of one faradav of electricity corresponds to one gram-equivalent. 
In the first example given above two reactions lake place at the 
cathode:

(a5 (he elcclrodeposilion of zinc

Zns+ +  2e =  Zn

(b) Ihe formation of hydrogen gas
2II+ +  2e =  H-

If one determines not only Ihe amount of deposited zinc, but also 
the quantity of evolved hydrogen gas. the total amount of product 
formed will be 1 g-eq (0.6  g-eq of zinc and 0.4 g-eq of hydrogen 
Similarly, the results obtnined with the evolution of chlorine will 
not contradict Faraday’s laws, considering that a certain fraction 
of current is consumed for the formation of oxygen and that the 
chlorine liberated at Ihe anode may partly pass into solution again 
as a result of secondary chemical reactions, for example, according 
to Ihe equation

Cl. +  FI;0 =  HC.1 +  HCIO

To take into account Ihe effect 
the concept of current efficiency.

of parallel and secondary reactions 
or current yield. B c. has been intro



Part Five. Nonequilibrium Electrode Processes
duccd. Current efficiency is the fraction of current passing through 
a cell, which accomplishes the desired electrode reaction:

or. expressed as a percentage,
Se =  | i -  100 per cent (12.5)

where q, =  quantity of electricity consumed for a given reaction 
£<7i =  total amount of electricity passed.

Thus, in the first example the current yield of zinc is GO per cent 
and that of hydrogen, 40 per cent. The expression for current efficien
cy is often written down in the form

=  100 per cent (12.G)
where qc =  quantity of electricity calculated by Faraday's formula 

qa = quantity of electricity that has actually been consumed 
to change a given amount of substance.

Current efficiency may also be defined as the ratio of the amount 
of the converted substance. Ama, to the amount of the substance 
that would react if the whole amount of current were used to accom
plish the given reaction, Amc:

Bc= ^  100 per cent (12.7)
If among several possible electrode processes only one is desirable, 

then its current efficiency should be made as high as possible. There 
are systems in which the whole current is expended on a single 
electrochemical reaction. Such electrochemical systems, or cells, 
are used to measure the quantity of electricity passed and are called 
coulometers. There arc three principal types of coulomeler: the 
weight, volume and titration coulometers. In weight coulometers 
(silver and copper coulometers), the quantity of electricity passed 
is calculated from the increase in the weight of the cathode. In volume 
coulometers, the total volume of substances formed (gas in the hydro
gen coulomctcr and liquid mercury in the mercury coulomcter) is 
measured. In titration coulometers, the quantity of electricity passed 
is determined from data on the titration of substances generated 
in solution by the electrode reaction. In this method anodic dissolu
tion of silver (the Kistvakovsky coulomeler) or electrolytic oxida
tion of iodide ions is usually used.

12.1.3. POSSIBLE DEVIATIONS FROM FARADAY’S LAWS 
Apart from systems for which Faraday's laws are quantitatively 

justified, there are also systems in which deviations from these 
laws are possible. For example, calculations based on Faraday’s 
laws will prove erroneous in the cose of an electrolylic cell consisting



Ch. 12. The Chemical Effect of Electric Current 301

of Uvo platinum electrodes immersed in a solution of metallic potas
sium in liquid ammonia. Being a conductor of mixed conductance, 
this solution exhibits noticeable metallic conduction and during 
electrolysis a considerable part of electrons are capable of leaving 
the electrode and passing directly into solution without causing 
any chemical change. Similar phenomena are observed when a cur
rent is passed through gases. Such systems however are not true 
electrochemical cells consisting only of first- and second-class con
ductors. In true electrochemical cells, the transfer of electrons from 
the electrode into the solution and vice versa is invariably associated 
with a chemical change and so it obeys Faraday's laws. Being a natu
ral and inevitable consequence of the very nature of electrochemical 
transformation. Faraday’s laws should at the same time be regarded 
as the most reliable criterion of a true electrochemical system.

The rate of an electrochemical reaction v is defined, like that of 
an ordinary chemical reaction, as the amount of substance converted

Since the amount of chemical change produced by electrolysis 
is directly proportional to the total amount of electricity passed, 
one can write, using Fq. (12.1),

and so the rate of an electrochemical reaction is found to be propor
tional to the current I. As k ,  is constant for each particular reaction, 
the current /  can then be conveniently used to express the rate of 
any electrochemical change. If the current is referred to one fnraday. 
the quotient IIF  will be the rate of an electrochemical reaction in 
terms of gram-equivnlents of substance and the quotient IlzF  the 
reaction rate in terms of grain-molecules (gram-ions) of the suh-

A specific feature of electrochemical reactions is that they all 
occur at the electrode-electrolyte interface and therefore the rale 
of these reactions depends on the surface area £2 of the interface. 
The rale of an electrochemical reaction is thus usually referred 
to the unit surface area of the interface and expressed in terms of 
current density i:

The rate of electrochemical reactions is most often measured in A cm2 
or (in industrial electrochemistry) in A/m!.

12.1,4. FARADAY’S LAWS AND THE RATE 
OF ELECTROCHEMICAL PROCESSES

(12.9)

( 12.10)
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Using Faraday's laws, one con calculate llic quanlily of eleclri- 

cily needed to produce the required yield of electrolytic product. 
Thus, at a current efficiency of 100 per cent one and the same amount 
of electricity equal to one faraday is required to produce one gram- 
equivalent of any substance. Faraday’s laws determine the consump
tion of the quantity of electricity and not of electrical energy, 
which will not be the same in producing one and the same number 
of gram-equivalents of a substance; the consumption of electrical 
energy depends on the nature of the substance, the type of the reac
tion producing this substance and also on tile reaction conditions. 
If the value of F yields the quantity of electricity required to produce 
one gram-equivalent of a substance, the electrical energy consumed 
will in this case be equal to the product FE. For each substance 
there is a specific value of voltage E across the cell, which may 
vary depending on the conditions under which the electrochemical 
reaction is conducted.

The Swedish chemist Berzelius, a contemporary of Faraday, doub
led the validity of Faraday’s laws alleging that they were in contra
diction to thormochcmical data, according to which the energy 
effects associated with different reactions arc not equal. In his cri
ticism Berzelius missed out the difference between the quanlily of 
electricity and the amount of electrical energy.

In industrial electrochemistry, apart from the quantity of electri
city. the electrical power consumed for carrying out a particular 
technological electrochemical process is of crucial importance.

12.2. ELECTROANALYSIS AND COlLOMETRY 

The transformation of substances on electrodes under 'he influence 
of electric current obeys Faraday's laws. This relationship forms 
the basis of two quantitative electrochemical methods of investi
gation aud analysis called electroanalysis and coulomelry.

12.2.1. ELECTROANALYSIS 
Kleclroanalysis, or clectrogravimelry, is based on measuring the 

weight of the deposit formed on the electrode surface as a result 
of the passage of a quanlily of electricity sufficient for a complete, 
or practically complete, deposition of the substance. Kleclrodcpo- 
silion may occur on the cathode (discharge of metallic ions with 
the deposition of a metal) or on the anode (discharge of anions with 
the formation of (he corresponding salts or oxides). Knowing the 
chemical composition of the deposit, one can easily calculate from 
the weight of the deposit the amount of a sought-for constituent 
in the original solution. Since the quantity of electricity consumed 
for the deposition of the substance is not included in subsequent 
calculations, the current efficiency in eleclroanalysis may not.
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necessarily be equal lo 100 per cent. A fraction of the current may 
be consumed for other electrode reactions provided the latter do not 
change the composition of the deposited metal or loosen it mechani
cally, or reduce its adhesion to the electrode, in this connection, 
the wastage of a certain amount of current on the evolution of hydro
gen or oxygen can be tolerated. It should however be kept in mind 
that the lower the current yield of the substance lo be determined, 
the more lime will he required for electrolysis.

The elcclroaiialvsis of solutions containing only one soughl-for 
ionic species is carried out at a constant current. As this component 
is deposited and the solution is depleted the electrode potential gra
dually changes. At a predetermined current the potential of the 
cathode assumes more negative, and that of the anode more positive 
values. This shift of the potential can be estimated, to a first appro
ximation, from the Nernst formula:

e =  e° ±  ~  log c
where c is the concentration of the unknown ions and the plus and 
minus signs refer, respectively, lo cations and anions. If in the 
course of elcclroaiialvsis the potential departs from its original 
value, say, by an amount of 3b°/z, i.e.. is about 0.18 V for univalent 
(3 x 0.06) and 0.09 V for bivalent (3 X 0.03) ions, the ratio of the 
initial concentration of the ions lo be determined to their concen
tration at this moment will be equal to 10’ . The extent of deposition 
will in this case be close to 99.9 per cent, and the determination 
error, of the order of 0.1 per cent. Thus, by observing the change 
of the potential, the completion of the deposition process can he 
recognized. In practice, the end-point of the electrolysis is identi
fied with the aid of a suitable visual indicator or by special electro
chemical methods.

Klcclrogravimelry at constant current is not recommended for 
analysis of solutions containing different ionic species since the 
changing electrode potential may coincide with the deposition 
potential of ions other than those lo be determined with subsequent 
codeposilon of the former. As a result, the composition of the deposit 
will become indeterminate. In such cases more reliable results are 
provided by another method in which not the current but the electro
de potential is kept constant*). In this method, a value of potential 
is chosen which provides deposition of only one ionic species. This 
can be done if the composition of the solution being analysed and 
the electrochemical characteristics of the ions present are known. 
For example, if the solution contains cupric ions Cu2+ and cadmium 
ionsCd2+, whose standard potentials are equal lo -fO.34 and —0.40 V.

"  The first method can also yield reliable results if the ions presont differ 
markedly in thoir electrode potontial or when this difference is increased by bin
ding simple ions into complex ions and by adjusting the pH of the solution.
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respectively, then by maintaining the ealbode potential between 
these two values (say, at about +0.20 V) deposition of cadmium can 
be completely prevented and the reaction made to proceed quanti
tatively to deposit metallic copper. Once all the copper is deposited, 
one can start determining the amount of cadmium by electrolysis 
at a less positive potential, for example, at —0.5 V; in tbc same 
way it is possible to determine a larger number of different ions 
present in the solution. The end-point of the electrolysis for each 
ionic species is identified by an abrupt decay of the current.

Electrical power needed to carry out eleclrogravimetry at con
stant current and at constant potential is supplied by an external 
constant-current source.

There is also a third eleclrogravimetric technique known as 
internal electrolysis'). In this method, an electrode pair consisting 
most often of a platinum cathode and an electronegative metal 
(e.g. zinc or magnesium) as the anode is immersed in the solution 
to be analysed. On completion of the external circuit through an 
ammeter and a controlling resistance, the anode begins to dissolve, 
passing into solution, and the required deposit forms on (he platinum 
cathode; as a result the cell itself starts generating a current. To 
effect internal electrolysis, it is necessary that the electrode poten
tial of the ions to be determined be more positive than that of the 
metal used as anode.

Internal electrolysis may be regarded as a modification of the 
electrogravimetric technique at a specified potential, whose value 
is controlled by the choice of anode. The end-point of the analysis 
in internal electrolysis is the decay of the current indicated by the 
ammeter.

Eleclrogravimetry is mainly used to determine the content of 
metallic ions capable of forming a compact, well-adhering deposit 
on the cathode. In many cases use is made of the possibility of 
producing corresponding deposits on the anode. Eor example, with 
certain conditions observed, lead can be quantitatively deposited 
on the anode as lead dioxide, and halides on a silver anode in the 
form of the corresponding silver salts.

In the clcctroanalysis of most metallic ions use is made of cylindri
cal gauze cathodes; platinum cathodes are usually employed, which 
arc replaced with mercury cathodes when the content of the ions of 
alkali or alkali-earth metals is to be determined. Anodes are usually 
made of platinum in the form of wire spiral and placed inside cylind
rical cathodes. To speed up electrolysis the solution is stirred vigo
rously, often by means of a rotating spiral anode. Eor the same 
purpose the analysis is conducted at an elevated temperature.

1' This method is also koown as spontaneous eleclrogravimetry or short-circuit eleetrolvsts. — Tr.
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Electrogravimelric methods are widely used in laboratory work, 

especially in analysis of alloys. They arc also employed for separa
tion of different substances present in a solution and also as a con
centration and bcnclicialion method. In the latter case clcclroana- 
lysis is combined with other, more sensitive analytical methods 
(X-ray analysis, polarography. coulomctry), replacing chemical 
methods of concentration associated with labour-consuming opera
tions of precipitation, filtration and evaporation.

12.2.2. COULOMETHIC ANALYSIS
In coulometric analysis, the amount of a substance undergoing 

chemical change is calculated from the measured quantity of electri
city (the number of coulombs, hence the name of this method). 
Coulometric analysis is based on Faraday's laws and its application 
is possible only if all the current passed is consumed for the desired 
electrode reaction, i.c., if a current efficiency of 100 per cent is 
maintained. With this condition observed one can find the amount 
of the sought-for constituent, m. by measuring the quantity of electri
city passed, a:

m = k a  (12.11)
In contrast to clcclrogravimetry, in coulometric analysis it is 

possible to determine substances not deposited on the electrode but 
remaining in the solution or vented into the surrounding atmosphere. 
Since even negligibly small amounts of current can be measured with 
an insignificant error, coulomelry may be regarded as a highly 
sensitive and accurate method of analysis. Coulomelry permits deter
mination of substances present in amounts of lO-10 to 10~IS g-cq/lilre, 
the error being about 1 per cent; when the amount of the substance 
being analysed is of the order of lO"3 to lO’3 g-eq/litre, the error 
is 0.1-0.3 per cent. For this reason, coulometric analysis is particu
larly valuable for producing ultrapure materials.

Like elcctrogravimclry. coulometric analysis is carried out cither 
at constant potential or at constant current, depending on the solution 
composition and the possible number of electrode reactions involved. 
The constant-current procedure should be employed when the possi
bility of the occurrence of any reactions other than the main reaction 
on the electrode is excluded over a wide range of potentials. This is 
the most accurate and sensitive method of analysis. In constant- 
potential conlomelrv, the quantity of electricity passed is measured 
by means of a coulometer; in the constant-current method this is 
done bv multiplying the current by the lime of analysis.

The following examples illustrate the procedure of coulometric 
analysis. When the acidity of a solution is to be determined, platinum 
electrodes are used; the cathode is immersed directly in the solution 
to be analysed and the anode is separated from it by means of a porous 
diaphragm which provides chemical but not electrical isolation.
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A constant current is passed through the solution under lest until 
the solution becomes neutral, this being established with the aid 
of an indicator. The quantity of electricity consumed up to the 
neutralization point is then converted to the number of gram-equi
valents of hydrogen. Knowing the volume of (he original solution, 
one can calculate its acidity.

To determine cadmium present in a solution together with thal
lium, a mercury cathode and a platinum anode are used. The poten
tial of the mercury cathode must ensure the discharge of only cad
mium ions. The end-point of cadmium deposition is identified by the 
fall of the current to a constant value. The amount of electricity 
passed is found by means of a coulometcr in scries with the electro
lytic cell and then the amount of cadmium in the solution is calculat
ed using its known electrochemical equivalent. If the amount of 
thallium in the same solution is also to be determined, the analysis 
is conducted in the same way as for cadmium, with the only diffe
rence that the potential of the mercury cathode is shifted to the 
required value.

The amount of anions (in particular halide ions) in the solution 
can also be found coulomctrically. In this case the deposition is 
effected at the anode, using either metals reacting quantitatively 
with anions to form sparingly soluble compounds, or platinum, oil 
which the oxidation of a number of anions can be carried out with 
a current efficiency of 100 per cent.

The above examples illustrate direct, or primary, coulometry. 
Another method, which has recently been considerably developed, 
is indirect, or secondary, coulometry. in which the titration reagent 
is generated directly within the solution (this method is therefore 
also called coulometric titration with an eleclrolyticalhy generated 
reagent or internal-generation method). In this case one measures the 
number of coulombs used for oxidation or reduction of a chemical 
substance, which is added in excess to the solution prior to the 
experiment and is capable of reacting quantitatively with the 
soughl-for constituent.

Many reactions employed for conventional volumetric analysis 
can be used for this purpose. Suppose, for example, that we arc to 
determine the amount of thiosulphate. Direct coulometric determi
nation by anodic oxidation does not ensure sufficient accuracy since 
this reaction proceeds at a current efficiency lower than 100 per cent 
and is accompanied by oxygen evolution. Thiosulphate can be titrat
ed with an iodine solution by addition of a starch indicator or poten- 
tiometricallv according to the reaction

2S,0;- -!-!, =  StO;* -f 21-
I'he same reaction can be carried out coulomctrically if an excess 

solution of potassium iodide is added to the thiosulphate solution
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aud a current is passed between platinum electrodes immersed 
in llie lest solution. The iodide is oxidized at the anode to elementary 
iodine:

21- =  12 +  2e
which reacts quantitatively with the thiosulphate. Having determin
ed the number of coulombs used for the complete oxidation of thio
sulphate by iodine, one can calculate the amount of thiosulphate 
present by'using Eq. (12.11). Suppose 10 coulombs of electricity 
has been used for the titration of the sample. The electrochemical 
equivalent of thiosulphate in the reaction under consideration is

The amount of thiosulphate in the sample being analysed must 
then be

m =  1.16 X 10-a x 10 =  1.16 x 10-2 g
The same principle may be used to carry out ceriinelric titration 

of iron (in which anodically-gcnerated ions of lelravalent cerium, 
Ce4+, oxidize ferrous ions to ferric), determination of permanganate 
(by reducing it with calhodically generated ferrous ions) and many 
other indirect coulomelric analyses. Coulomclric titration is instru- 
menlally more complicated than indicator or even polcntiometric 
titration. For (his reason conlomctry finds only limited practical 
use in ordinary chemical analysis. I t is advantageous, however, 
when determining inicroquantilics of dissolved substances or carrying 
out automatic titrations. The preparation and use of very dilute 
tilranl solutions required for volumetric determination of small 
quantities of dissolved substances involves considerable errors and 
inconveniences. Coulomclric titrations do not require the use of such 
solutions because the substance to be determined is either transfor
med directly on the electrode or titrated with a reagent generated 
cleclrolylicnlly on one of the electrodes within the lest sample. 
In either case the determination is based on the quantity of electri
city consumed; even very small amounts of current can be measured 
with a high degree of accuracy.

Since all the reactions used in coulomelry involve electrons, the 
latter may be regarded as a sort of universal reagent specific for this 
method.

Coulomelry is especially convenient where titration must be 
fully automated since there arise no difficulties usually associated 
with automatic control of the delivery of the titrating solution. 
Coulomelry also finds use in carrying out various electrochemical 
investigations. In particular, it is employed for determining the 
thickness of metallic coatings, the amounts of oxides or salts formed 
on electrodes, the extent of coverage of metal surfaces with adsorbed 
hydrogen or oxygen, etc.

20*



CHAPTER 13 

The Kinetics of Electrode Processes

13.1. BASIC CONCEPTS

13.1.1. THE ELECTROMOTIVE FORCE 
OF POLARIZATION 

The passage of an electric current llirough an electrochemical 
system, or cell, is associated not only with corresponding chemical 
reactions hut also with the change of its electrical characteristics, 
primarily the electromotive force and electrode potentials, as com
pared with their initial values in the absence of current. If the electro
chemical system is an electrolyser') (electrolytic cell), the voltage 
across it at a given current intensity will be higher than the rever
sible emf of the same system

>  Er
Conversely, if an electrochemical system generates a current, i.c., 
is a chemical source of current2*—a galvanic cell or accumulator, 
then

Engc) <  E r
The thermodynamics of electrochemical systems is incapable 

of elucidating the causes of the change of the emf upon transition 
to the irreversible slate and ascertaining the .elation between Ibis 
change and the rate of an electrochemical reaction, i.e.. the magni
tude of the current (or current density) p a s s e d ' v  s'^ :
Resort has therefore to be made to cerlai a.. | s

d^Thc*'firsT'assuinption concerning
that the difference between ̂ bp r<*' js ,hp voltafic required to 
from ohmic losses of voUaf  .‘"lvlic cell is composed of the rever- 
carry out a reaction in "" ‘cc ^ c_pnergy c,iail|te) an(, „ lf |)o(l>n. 
siblc emf Er (determined ny > ciectrodes E„,„„ (which depends
tial fall in the electrolyte a n d ‘>^;impUon 0X|,iajns ,he callsc of an 
on (he current density). 1 ll,^i1V cell during the passage of a current, 
increase in the voltage across of ))l0 saIll(. SVS|om. In a similar
as compared with therevcrsin 1 a galvanic cell when a currentway. the decrease of the voltage aero
_________  producer (substance-producing dev

11 An electrochemical subs**1' cWr.---Tr. . . .
also known as nil r0,lucer (or energ>-producing device). A

2> An eleclrochemical cncdtj ' ■ produc .
" "  is also an example of such eneff.
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is drawn from it may be attributed to the fact that part of the emf 
is consumed to overcome the resistance inside the cell. Ohmic losses 
of voltage are thus one of the factors responsible for the difference 
between the reversible emf and the actual operating potential. 
Experiment however shows that

Very often

*/<««> >  Er +  Eohn

-m o  < E r  -  Eoh,

| E, -  Er ' »  Eoh,

(13.1)

(13.3)

The main cause for the change of the voltage across an electroche
mical system when a current is driven into or withdrawn from 
it should therefore he sought not in ohmic losses but in the variation 
of electrode potentials with current intensity or density. When a cur
rent is imposed upon the cell, the potential of each of the two electro
des in the electrochemical system changes so that the voltage across 
the electrolytic cell increases and that across the galvanic cell 
reduces. The total change of electrode potentials on closed circuit 
is called the emf of polarization En. If. apart from the ohmic fall 
in voltage, the polarization emf is also taken into account, one can 
write the equations for the cell potential in both cases:

El(cci = Er +  Eohm +  Ep (13.4)
E ,(SC, =  Er -  Eohm -  Ep (13.5)

Equations (13.4) and (13.5) are concordant with experimental 
observations.

A rational implementation of an electrochemical process with 
a maximum electrical energy drawn from a chemical source of cur
rent (an energy producer) or a minimum amount of electricity con
sumed by an clcclrolyscr (a substance producer) is possible only 
when the cause of the formation of the polarization emf is known 
and its nature well established. Since the polarization emf is 
a resultant quantity composed of the changes in the electrode poten
tials. it is necessary first of all to study the dependence of electrode 
potentials on current intensity. This task is handled by the kinetics 
of electrode processes.

13.1.2. ELECTRODE POLARIZATION 

The difference between the operating electrode potential and 
the equilibrium potential is called the electrode polarization, or 
simply polarization, Ae:

Ae =  e, — (13.fi)
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The electrode potential e, and the polarization Ae are primarily 
nnc tons of the current intensity; in the absence of current they arc 

respectively, equal to e, and zero.
The term electrode polarization is also used when with no external 

current imposed the electrode potential is not an equilibrium value 
ul corresponds to the so-called stationary, or steady-state, potential 

e, (see below). The magnitude of the polarization is then determined 
t»y an equation analogous to Eq. (13.6), with the only difference that 
e, is substituted for er:

Ae =  e, -  e. (13.7)
It is thought at present that (he relationships between e, and I  and 

etween Ae and /  are based on the kinetic laws characteristic of 
a particular electrode reaction. A study of the specific features 
or potential-current curves, which are also often called polarization 
curves, is therefore necessary for understanding the nature of electrode 
'" c' lon*i ^hc tracing of polarization curves was for a long time 

practically the only method for investigating the kinetics of electro
chemical processes; this method is still in use.

Any elcctrodic process is a complex heterogeneous reaction invol
ving a number of consecutive steps. At some of these steps the reac
tion may lake two or more parallel paths. To establish tile number, 
nature and sequence of steps making up an electrode process is one 
of the main tasks of electrode kinetics. From chemical kinetics it 
is known that the rate of a multistep consecutive reaction is .-0v- 
erned by the rale of the slowest of its steps, and that out of a number 
of parallel paths the most probable is the one that is le=.»l 
The same principles apply to electrochemical i c
rence of Ihc electrode polarization is thereto**1* •!«•...11 '■
with Ihc step that determines the rale of tile overall r.r»«-..< 
slowest step. The elucidation of the nature of the 
rale-determining step, often abbreviated to rd ) 1 t
principal task of electrochemical kinetics. On the 
occurrence of a new path, which increases the 
reduce the electrode potential, which may in s„,,,„ .........
pie, when the nature of the electrode process chamois )... 
iower than the reversible, or equilibrium. p>.|e..|i,.| |'l
the electrode potential and the process responsible for i 
depolarization.

The nature and the number of steps of each electrochemi 
depend on the type of reaction involved. For example, in I 
reduction of Irivalent ferric ions to divalent ferrous ion 
slop of the process is the delivery of the ferric ions to tin 
surface (Fig. 13.1). When brought into contact with the electrode 
a trivalenl ferric ion acquires an electron 
gives birth to a bivalent ferrous ion and sin

1 I led.

I of discharging
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atom adsorbed on the electrode (the second step). At the third step 
the chlorine atoms formed are recombined into molecules ». The 
chlorine molecules move into the surrounding electrolyte and, 
having formed a saturated solution, escape into the atmosphere 
as gas bubbles (the final step). The dashed arrows in Fig. 13.2 indi
cate the steps of the reverse process of ionization of the chlorine gas.

The cathodic deposition of metallic silver from a solution of its 
simple salt (Fig. 13.3) stnrls off with the transport of silver ions 
to the electrode surface. Having entered the double layer, llie silver

ions acquire electrons, and are dehydrated and transformed into 
adsorbed silver atoms. While moving on the electrode surface, 
these silver atoms seek the most energetically advantageous site 
to continue the building-up of the silver crystal lattice and become 
attached to this site. It may be assumed, alternatively, that while 
discharging at definite portions of the electrode surface the adsorbed 
(and possibly also partly dehydrated) silver ions are simultaneously 
incorporated into the crystal lattice.

If the cathodic deposition of silver occurs from a solution of its 
complex salt (instead of a simple salt), say, from a cyanide electro
lyte, the electrode process will be more complicated. Indeed, suppose 
(in line with experiment) that the silver ions are present in the 
chosen electrolyte in the form of Ag(CN): anions. In this case the 11

11 This stage following the disebargo act is a heterogeneous (surface) chemi
cal reaction, the rate of which depends on the catalytic properties of the electrode.
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discharging process may take one or more of tlie following paths:
I. Ag(CiN); +  e =  IAgl ~  2CN”

II. (n) Ag(CN)” =  AgCN 4- CN”
(b) AgCN r  e = I Agl CN”

III. (a) Ag(CN)- =  AgCN -- CN”
(b) AgCN = Ag* CN-
(c) Ag* + e = I Agl

Path I is a direct discharge of the complex ion on the electrode; 
it may he broken down into the same principal steps as the discharge 
of hydrated silver ions (sec Fig. 13.3). However, in contrast to the 
deposition of silver from simple ions, anions instead of cations are 
discharged in this case and hence the effect of the potential and 
charge of the electrode on the discharge act must he different. Besides, 
the discharging process gives rise to excess cyanide ions and. along 
with the ion transfer to the electrode, there appears another step, the 
removal of CN" ions from the electrode surface.

Paths 11 and III involve partial or complete dissociation of the 
complex ion, i.e., a purely chemical step taking place in the hulk 
of the solution. The homogeneous chemical reaction produces par
ticles which are discharged at the electrode, i.e., this reaction prece
des the discharge step. Path II is characterized by the discharge 
of neutral particles, and path III by the occurrence of two purely 
chemical steps; the final step (b) of path III must proceed according 
to the scheme shown in Fig. 13.3. These two paths also require the 
removal of excess CN” ions from the electrode surface.

13.1.3. CLASSIFICATION OF POLARIZATION 
PHENOMENA

The examples just discussed do not cover all diverse types of 
electrode processes. Nevertheless, they give a sufficiently clear idea 
of the nature of the steps constituting the overall electrode process 
and can be used as a basis for classifying polarization phenomena. 
It should be noted that, although the kinetics of electrode processes 
underlies practically all industrial applications of electrochemistry 
and is therefore the central topic which is being most thoroughly 
elaborated by electrochcmisls, there is as yet no generally accepted 
and unified terminology in this field, in contrast to the theory of 
solutions (ionics, as it is sometimes called). In this connection, the 
nomenclature proposed by Bonhocffer, Gerischer, and Vetter in 
1950 and thoroughly elaborated by Vetter in 1961 is of interest. 
The classification of the processes and phenomena treated by elec
trode kinetics, which is adopted in this book, is consistent with 
the terminology traditionally used in the Soviet electrochemical
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literature. At the same lime it includes some elements of the nomen
clature proposed by Bonhoeflcr and his coworkers.

By the net or overall electrode reaction is meant the entire process 
of transformation of initial substances (reactants) into final products 
under the effect of an electric current. For example, the overall 
cathodic reaction in the deposition of metallic silver from the com
plex cyanide ion Ag(CN); should be written as follows: 

Ag(CN)7 +  e =  lAgl +  2CN- 
Individual or partial electrode reactions correspond to chemical 

(electrochemical) transformations which combine in the overall 
electrode reaction'). If the cathodic deposition of metallic silver 
from the cyanide complex proceeds by path I, the partial electrode 
reaction will coincide with the net reaction. If the same process 
occurs according to path II or III, the overall electrode reaction 
will be composed of two or three partial reactions, respectively. 
At least one of the partial reactions must involve electrons, i.e.. the 
gain or loss of electrons by the reactants. The clcclroreduction 
(or oxidation) of polyvalent particles may involve several discharge 
or ionization steps. In view of this, a distinction should be made 
in the general case between the number of electrons z participating 
in the overall reaction and the number of electrons z; taking part 
in the ith partial reaction.

The electrode polarization Ae is the deviation of the operating 
potential (i.e., the potential in the presence of a current) from its 
equilibrium er or stationary e, (in the absence of an external cur
rent) value irrespective of the cause responsible for this deviation. 
•Since the potential is displaced to the negative side when a cathodic 
current is imposed upon the cell and to the positive side when an 
anodic current is applied, the cathodic polarization is alwavs negative 

Aec =  e, -  e, <  0

Aec =  e, — es <  0 
and the anodic polarization always positive 

Aea =  e, -  er >  0

Ae„ = e, — es >  0 
While no doubt arises as regards the sign of the electrode polarization, 
the question of which sign should be assigned to the cathodic ic

"  The sum of overall electrode reactions for the two electrodes of a particular 
electrochemical system yields the overall reaction of the svstem asV whole' 
Its equation does not include electrons since each of the two electrode reactions 
invokes the same number of electrons, but while at one electrode electrons 
arc accepted by particles (;c = ;). at the other they arc lost (r0 = -;V
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or anodic i„ current has not yet been resolved unambiguously. 
In accord with the spirit of the Stockholm convention on electrode 
potentials the cathodic current is considered positive und the anodic 
current negative. ..

.\s noted earlier, the rale-determining step (rds) of the o\erall 
electrode process is called the inhibited or limiting step. The slow 
rale of any step is directly responsible for electrode polarization. 
If | | 1L. nature of the inhibited step, which is the cause of the polariza
tion. is known, the term electrode overpolenlial or simply over- 
potential t] is preferred to polarization.

Thus the overpolenlial is an electrode polarization caused by the 
retarded occurrence of quite a definite step of the net electrode 
reaction. The term overpotenlial is very often used in combination 
with (he name of the principal reactant of the reaction the polariza- 
tion of which is being studied. For example, the terms hydrogen 
overpotential and metal ovcrpotential mean that one is speaking 
or the polarization specific for a given reaction and not of the diflu- 
sion ovcrpotential. .

There are various types of overpotential, depending on the nature 
of the retarded reaction step. As follows from the above examples, 
one of the necessary steps of any electrode process is the transport 
of the reactants to and from the electrode-electrolyte interface. 
If this step proceeds slowly, i.e., is inhibited, the concentrations 
(or activities) of all or some of the reactants near the electrode will 
change as compared with their initial concentrations (or activities) 
owing to the passage of a current. Since the electrode potential is 
governed bv the solution composition near the electrode surface, 
the change of the solution composition will alter the potential, 
i.e.. the electrode will become polarized. The slow rate of a purely 
chemical reaction preceding or following the act of discharging 
a No results in a change in the activities (or concentrations) of the 
reactants near the electrode surface, which causes the corresponding 
changes in the electrode potential, i.e.. the polarization of the 
electrode. The polarization arising from the retarded ion transport 
and chemical transformation steps may be called the concentration 
polarization Ae... A special case of concentration polarization where 
all the steps of'the electrode process, except the transport of reac
tants. proceed reversibly corresponds to the transport overpotentia 
or (less rigorously) to the diffusion overpolenlial iirf. Another special 
case of concentration polarization occurs when all the steps of the 
electrode reaction, except the chemical transformation. Proceed 
reversibly. This type of concentration polarization is called the 
chemical'i),,, or reaction overpotential in- . . .

As already noted, any electrode process involves at leas one step 
associated with the transfer of charges across the electrode-electro
lyte interface. The electrode polarization caused by the slow rale
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of this step may be called the electrochemical overpolcnlial n 
because it is precisely this charge-transfer process that is Hie electro
chemical act proper. This type of overpolcnlial is often also called 
the retarded discharge or transition (or electron-transfer) overpo
tential. And, finally, the overpotenlial observed when the inhibited 
step is the incorporation of metallic ions into the crvslal lattice 
or their separation from it, and also when the slow step" is the trans
formation of one modification (less stable) into another (more stable 
under given conditions) may be called the phase overpotential iin( 
Changes in the concentration taking place near tile electrode surface 
are but of secondary importance for the occurrence of the electro
chemical and phase overpotenlials. Of much greater importance 
in this case is the change in the activation energy of the corresponding 
process. The electrochemical and phase overpotentials are there
fore often collectively termed the activation polarization Ae„, 
In the general case, the deviation of the actual operating electrode 
potential from the equilibrium value is the result of superposition 
of all the types of overpolcnlial, i.e..

(13.8)

or A e< =  ’Id +  tl, -r  r\c -

Ae, =  Aec +  Aeoc 
There are, however, such electrode processes and conditions 
on® fype of overpotenlial predominates.

The subdivision of polarization into concentration and activation 
polarizations is somewhat arbitrary. Thus, the phase ovcroolenli il 
referred to activation polarization is essentially dependent on llie 
concentration of intermediate particles and in this sense it mav 
be related to concentration polarization. The rate of the purely 
chemical reaction step is also determined bv the corresponding 
value of the activation energy. The chemical or reaction overpoten- 
tial defined above as a special case of concentration polarization 
may also be included, on certain grounds, in the activation polariza
tion. The overpotential caused by (lie slow chemical reaction step 
is lierefore a sort of an intermediate link between the concentration 
and activation polarization.
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Concentration Polarization

The slow rales of transport anti purely chemical transformation 
lead to changes in the concentration of the reactants near the electro
de n. This results in a change in the equilibrium electrode potential, 
thus giving rise to concentration polarization. Besides, the concentra
tion of tlie particles taking part in other steps of the electrode process 
(say. in the discharge step) also undergoes a change, a fact that 
should he taken into account in considering the kinetics of these 
steps. The effect of concentration polarization on the kinetics of the 
entire electrode process and on the magnitude of electrode potential 
in the presence of current may be disregarded only at low rates 
•of the electrochemical reaction, i. e., at small current densities. 
Conversely, at high current densities the transport step may control 
a he rate of I lie overall electrode process.

14.1. DIFFUSION OVERPOTENTIAL

14.1.1. THE CONCEPT OF DIFFUSION 
OVERPOTENTIAL 

Tlie diffusion overpotential q«, is the deviation of the electrode 
potential under the applied current from its equilibrium value 
•caused by the slow occurrence of the transport of reactants to or 
from tlie electrode surface.

If the other steps of the electrode reaction proceed reversibly 
or at rales incomparably higher than the rate of the transport step, 
then all the changes in the electrode potential due to the passage 
of a current i may he identified with diffusion overpolential. In this 
case Itq. (13.6) becomes

tlrf =  e, — er (l-'il)
Here the shift of the potential from the reversible value however 

results exclusively from concentration changes, and the irreversible

i> Tile expression “near the electrode" refers to the layer of solution winch is 
adjacent to tlie electrode surface and is directly drawn into the charge-exchange 
between electrode and solution, i.c., determines tho electrode potential.
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electrode potential e, may therefore be regarded as a new value 
of the equilibrium potential, e'r, which differs from cr only in that 
now it corresponds to other concentrations or, more precisely, other 
activities of the reactants. In other words, the diffusion overpoten- 
lial. as a quasi-cquilibrium phenomenon, may be described by 
purely thermodynamic means. In this case only the initial anil 
final stales of a system are essential, while the transient stage and 
the mechanism underlying this transition are of no significance. 
Suppose that the following reaction proceeds at the electrode:

vaA +  vbB +  . . . +  zF =  v l L +  v„M ~  . . . (|/,.2)
the activities of the respective substances being equal to a v an, 
a L andaM. The electrode potential will then be given by the equation

er =  Co +  — l n ^ ^ -  (14.3)

When a current i is imposed on the system, the solution composi
tion near the electrode begins to change and after a definite period 
of time, when a stationary stale is reached, the activities of the 
reactants in the solution layer in the immediate vicinity of the 
electrode assume new, constant values, a\. and oi, The
equation""1 P° lCn,ial W‘U n°W b° b r i b e d 'b y  the following

e; =  e« +  _ |n _ A _ l_  (11.4)

l‘°n °f E<̂  and (14.4) into Eq. (14.1) yields the
general equation for diffusion overpotential:

na =  e; —er =  e; —er =  —  In (°b'«d)' n (14 5>
(aL/aL)VL (asi/sj, ) ' '1

I L ^ h So« iCfi.0hnlClriC,n,,m,,erS °f lllC reacla,lts are assigned positive, 
ten in the fI.imP "CgatiVe Vah,es’ Eq- <14-5) n' a>' h' rewril-

tla =  — 2 vy In A (14.6)

k n n i v l 0/ . 6'  t0, W? le ll,e, equalion for diUtwion ovcrpotenlial it is only necessary to know the overall electrode reaction. For exam
ple, for the reaction

Fe3+ -f e =  Fc:+ (14.7)
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Eq. (14.5) simplifies
RT a r<-^a (14.8)

In the cathodic process (reduction of ferric ions to ferrous ions) 
ay,.3‘ <  a w -  ak-2- >  and the cathodic diffusion over-
potential is negative. In the anodic process (oxidation of ferrous 
ions to ferric ions) a'pci- >  arr3-. "Fr*- <  “Ptei and the anodic 
diffusion overpolential is positive.

The diffusion overpolential accompanying the reaction
Ag+ +  e =  lAg] (14.9)

is given hy the equation

q„ =  ^  l n - ^ -  (14.10)
F aAff*

and that associated witli the reaction involving c 
Ag(CN)J +  e =  [Ag] +  2CN- 

is described by the following equation

RT aAB(CN)7''aAE(CN)i 
11J =  ^ ' n (aCN-/aC N ~

iplex silver ions 
(14.11)

(14.12)

In all these cases the change in the electrolyte composition near 
the electrode will be such that the value of diffusion overpolential 
will he negative during cathodic polarization and positive during 
anodic polarization. For instance, when reaction (14.9) proceeds 
in the cathodic direction, the solution near the electrode is depleted 
in silver ions (a V  <  aA(r+ »nd <  0). Conversely, if the
same reaction proceeds towards the anode, the concentration of 
silver ions near the electrode increases (a\ >  a,*g+ and >  0).
Such changes in the solution composition were lirst experimentally 
observed by Samartsev (1932-34). who used a modified interfero
metric method. Later other methods were also used to study the slate 
of the electrolyte near the electrode as a function of the polarizing 
current. Among these methods were so-called schlieren microscopy 
and observations of suspended particles whose distribution is depen
dent on the density of the solution and hence on its concentration 
and also on the pattern of motion of the liquid, lhc experimental 
evidence so obtained served as a qualitative confirmation of the 
general equation for diffusion overpolential. It should be stressed 
however that Eqs. (14.5) and (14.6) have been derived on the basis 
of general thermodynamic principles and cannot therefore reflect 
the kinetics of the process, i.c., they do not enable one to establish
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a relation between the diffusion overpolenlial (a measure of the 
irreversibility of the process) and the current intensity (a measure 
of its rate). To solve this problem, certain assumptions have to 
be made as to the nature of the transport step and the structure of 
the boundary layer within which this process takes place.

The transport of reactants to the electrode surface and from the 
zone of the electrode reaction in the absence of intermediate chemical 
transformation is accomplished in three ways: migration, molecular 
■diffusion and convection.

Migration or ionic conduction is the movement, or drift, of ions 
(or other charged particles) under the influence of an electric held 
gradient (potential gradient) —d^/dx arising in the electrolyte on 
passage of a current through the electrochemical system. The migra
tion of ions was discussed in Chapter 4, where it was shown dial the 
direction of the movement of an ion / in an electric field is determined 
by the sign of its charge Zj and the migralional velocity depends 
on its transport number t} under given conditions. Since / /  =  y.ll/.j, 
it follows that in the presence of an excess of extraneous ions (i.e., 
an indifferent electrolyte which does not participate directly in the 
electrode reaction) the transport number of the given ionic species 
tends to zero, and the contribution of ionic migration to the overall 
process of transport may be neglected.

Molecular diffusion is the displacement of particles under the 
action of a chemical-potential gradient — dii 'dx or, loosely speaking, 
a concentration gradient —dc,'dx. arising in the solution owing to 
its qualitative and quantitative inhomogeneity. Molecular diffusion 
has already been considered in Chapter 6 , where Fick's laws describ
ing this process were derived.

Convective diffusion is the transport of solute particles together 
with the stream of a moving liquid. The flow of the liquid either 
occurs spontaneously, if there is a difference in the density of the 
solution in its different parts, i.e., if there is a density gradient 
—dpldx (natural convection), or is induced by stirring and circula
tion (forced convection).

Migration, diffusion and convection may be superimposed in 
different ways during the transport process, depending on the direc
tion of the reaction (cathodic or anodic), the charge sign of the 
particles involved (cations, anions, or uncharged entities) and their 
role in the electrode reaction (whether they arc reactants or pro
ducts, participate directly in the charge exchange with the electrode 
or indirectly, as, for example, ligands of complex particles).

Figure 14.1 shows schematically how these three transport processes 
are superimposed during the cathodic reduction of cations, anions 
and molecules in solutions containing no excess of extraneous electro
lyte. In the reduction of positively charged particles (Fig. 14.In) 
their transport towards the cathode is accomplished by migration,
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diffusion and convection, they all occurring in the same direction. 
In the reduction of anions (Fig. 14.16) they are transported to the 
cathode by diffusion and convection and removed from the electrode 
surface by migration. In the reduction of uncharged particles 
(Fig. 14.1c) no migration occurs. In anodic oxidation the transport

ta> <b> ,c>
Fig. l i  t. Transport of particles to the cathode surface in the absence of extra

neous (indifferent) electrolyte:

of cal ions to the electrode is opposed by migration, and the anions are 
transported by migration, diffusion and convection; in the case 
of oxidation of organic substances only diffusion and convection are 
involved in the transport process.

I f .1.2. THE THEORY OF DIFFUSION OYER POTENTIAL 
NEGLECTING CONVECTION 

In ilie first quantitative theory of diffusion ovcrpolential develo
ped mainly by Nernsl and Brunner at the turn of the century (1888- 
1904) only the migration and diffusion of ions are taken into 
account.

In this theory it is further assumed that all the changes in the 
electrolyte composition are confined to a narrow solution layer 
adjacent to the electrode, i.e., to the diffusion layer 6 . 'I'liis layer 
is supposed to be stagnant. I t  is not involved in the motion of the 
liquid taking place within a given system. The Nernsl-Briinner 
diffusion-layer model is schematically shown in Fig. 14.2. The 
change in the concentration of the electrolyte, one of the ions of 
which takes part in the electrode reaction, occurs in this layer linear
ly from a certain value c0, corresponding to the bulk concentration, 
to c near the electrode (in Fig. 14.2a, to cc since a cathodic process 
is considered). Thus, the concentration gradient determining the 
diffusion rate is equal to (c0 — cc)/8. Finally, in this theory it is 
tacitly assumed that the concentrations and activities are equal 
(although no explicit assumption was made by the authors of the
21-0393
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theory since the concept of activity was unknown at the lime) and 
that Hie transport numbers arc independent of the solution composi
tion. The latter assumption is justified only in the case of solutions 
containing a binary electrolyte where the mobilities of the compo
nent ionic species are almost equal (see Tables 4.2 and 4 .M). The

Fig. 14.2. Variation of liquid velocity n ami concentration c near ilio cathode

basic propositions of the Nernst-liriinner theory of diffusion over- 
potential may therefore be conveniently illustrated by considering 
the following system °

made up of two silver electrodes and a solution of silver nitrate — 
a binary electrolyte, the transport numbers of whose components 
are almost independent of concentration.

Suppose that a current (lows through the electrolyte of the chosen 
system from left to right. The left electrode is then the anode, and 
silver dissolves, forming ions, while the right electrode is the cathode 
at which silver ions are discharged to form metallic silver. If a quan
tity electricity equal to one faraday is passed through the system 
and a current efficiency of 100 per cent is maintained, one gram-ion 
of silver ions will be transported from the solution to the eTectrodo. 
I he time x taken by this process is given by the equation

Hence, as a result of the electrochemical process the concentration 
of silver ions near the cathode decreases at the rate

_  j_ _ j _
X F
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A( the same time, one faraday of electricity will carry <+ grain-ions 
of silver from the solution to the electrode. The rale of increase of the 
silver-ion concentration near the cathode owing to transport at 
a current intensity /  is equal to

Usually t j <  1 and the loss of silver ions as a result of discharge 
cannot he compensated by migration. The associated decrease of the 
concentration down to cc in the region around the cathode as compar
ed with the concentration c0 in the bulk of the solution sets up 
a concentration gradient and results in diffusion to the electrode 
at the rale

where A (. — diffusion coefficient of silver ions
Q =  macrosurface area of the electrode-electrolyte interface 

equal to the geometrical dimensions of the electrode. 
When a stationary slate is reached, a slate to which there corresponds 
quite a definite concentration cc dependent on the current intensity, 
the rates of transport of silver ions from and to the r 
layer are equalized, i.c.,

ar-calhode

_ - L - h 4 - a +q ^  =  o

r i;(|. (14.13). one can lind the concentration cc 
current intensity /  or at a current density <

(I -i*) ^ r . (‘ - M »
=  c«----- '  -  c» FA.

(14.13)

near the cathode
=  I ’Q:

(14.14)

Kquation (14.13) can also be used to calculate the current den
sity /. which corresponds to the concentration <v in the region around 
lie cathode:

__ !----- c"~ZcC (14.15)
' ( l - M  S '

Suhslilulion of the values of cc — «as- ic fro,|l kfl- (14.14) into 
liq. (14.10) and replacement of a.\K- by c0f 0 gives

n r .  r . ( t -M 6  ] /<•
di(i - T.-i» | i — . l x

5,., at f c =  / 0, in accordance with the assumption made earlier.
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For a binary electrolyte, MA, whose ionic chnrges are equal lo z 
Eq. (14.16) may be written thus

(14-17)
Analogous reasoning for the anodic process leads lo the equations

=  +  (»■*») 
for the formation of univalent ions and

—  <**.!■»
for the formation of cations of charge z.

Taking into account that in the second term of the logarithmic 
expression the factor before the current density is independent of 
the latter and is constant for a given electrode reaction and tempera
ture, Eqs. (14.16) to (14.19) may be rewritten in the form

i1d =  ̂ l n ( l  ± k di) (14.20)
where

(14.21)
In Eq. (14.20) the minus sign refers to the cathodic and the plus 
sign to the anodic process.

By using electrode balances one can obtain equations relating 
the diffusion ovcrpotenlial to the current density for more complica
ted electrode reactions as well. An expression analogous to Eq. (14.20) 
obtains for each /111 participant of the electrode reaction: from the 
general equation for the diffusion ovcrpotenlial (14.6) it clearly 
follows that here (he logarithmic expression is raised lo a power 
of vj corresponding to the stoichiometric number of the given ionic 
species, i.e., in the general case

la =  2  v,-1 n (1 ±  jk„i) (14.22)

The right-hand side of Eq. (14.22) may be expanded into a series

*  =  5  *vi 1" (1 ±  M )  =  ±  §  2 v, ,kdi -

-  TjF 2 v, ( ;M J 7  ±  5  2 v> J  -  ■ ■ ■
and as qd 0 and i 0 all the terms higher than the first may 
be eliminated:

= ± 7j? Zvjjkaiilaa^o: I (14.23)
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In this case the diflusion overpolenlial is a linear function of the 
current density. The derivative

(2--) =  ± ^ Z v ,  (14.24)
V d, ) Hd-o -r

has the dimensions of the resistance and is called the polarization 
resistance R d at diffusion overpotential; it is determined by the 
stoichiometry of the electrode reaction and by the limiting current 
density. _ .

With increasing cathodic current density the diffusion ovcrpolen- 
tial will gradually increase until the product jkdi approaches unity. 
Under these conditions even an insignificant additional increase 
in the current density shifts the potential in the negative direction 
and at jkdi = 1 the cathodic diffusion overpotential will adopt 
an infinitely large negative value, Cnd =  —oo. The current density 
corresponding to these conditions is coiled the limiting cathodic 
diffusion current density:

(14.25)

The limiting cathodic current density is reached when the near- 
cathodc electrolyte layer is completely depleted in the ions, i.e., 
at Cr =  O'). This follows from a comparison of the equation

=  <t4 ’26)
suiting from Eqs. (14.21) and (14.25) with Kq. (14.15) rewritten 
ir ions of valency s as follows:

f*; )= * M +-jT4 7j (14-27)
It is not difficult to see that at the limiting current density the 
concentration gradient

dc _  cp— cc
~ ~ d l ~  6

ami. consequently, the diffusion rale reach the highest value. Further 
rise of the current density is impossible, and so the diffusion limits 
the rate of the electrode reaction. The shift of the potential observed 
at the limiting current density may however induce a new cathodic 
reaction, the reversible potential of which is more electronegative 
than that of the initial reaction, and thus further increase of the 
current density becomes possible.

>> This inference con also be made on the basis of the general equation for 
the diffusion overpotential (14.6). Indeed, if in the numerator of Ea. (14.0) 
the activity of any one of the reacting species is taken as equal to zero, the over- 
potential will assume an infinitely high negative value.
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From I£qs. (14.2(5) ami (14.27) it follows Ilial

(M.2S)

7T ' “ ^ 7  (14.20)
The use of these relations in conjunct ion with the basic e([iiation (I) c, 
enables one lo obtain in a straightforward way the relationship i' ., 
ween diffusion overpotenlial and the current density. Clearly • 
))lace of Fq. (14.20). one can write for the cathodic process: '

c>|lr  = —  l n ( l - - ^ - )) (14.30)

which permits calculation of the diffusion overpotenlial u at n 
current density i if the limiting current density i((J(c) js |!|)0̂ "' 

The e(|uation for the anodic diffusion overpotenlial in its siinnl i 
form 1 osl

f  I" (1 ■■ If<ii)

shows that „i),, increases monotouically with i 
density and therefore, in contrast lo the cathndi 
case the limiting current density should not hi' 
appear at first glance. Experiment shows how,.-., 
dissolution of a metal the polarization curve , 
of limiting current and sometimes, after a mi 
attained, even a fall of the current density. One nl 
discrepancy between theory and experiment is a 
assumptions made in considering electrode reacti. 
with the assumption that free ions are formed in 
of a metal, c.g. silver. In actual fact all the ion 
hydrated. With account taken of the hydration of ic 
must he rewritten in the following form

increasing current 
10 I,r°cess. in ||,is 
leached, as might 
"i1 that for anodic 
exhibits a section 
i'nite potential is 
r 1,1 c causes of this 
ssocialcd with the 
ons. in particular, 
anodic dissolution 

is arc more or less 
ons. reaction (l-4.fl)

Ag;t -f- -  lAgl - (14.31)
where Ag„, arc hydrated (aqualed) silver ions, the primary hydra
tion sheath of which contains ;i„ water molecules. The general equa- 
1,011 of the diffusion overpotenlial (14.5) for (his particular rw  
should now be written thus

il,i -
IIT In

(alliO/nII.o) h
(14.32)

and electrode balances should be drawn up for each of the reactants- 
Hic Ag,7,  ions and water molecules. For silver ions the balances foi
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reactions (14.9) and (14.31) are the same. In drawing np a balance 
for water molecules one should lake into account only Iheir binding 
to ions in the course of the electrode reaction proceeding at the rale 

1
— nh‘ p

and diffusion, tile rale of which is equal to 

An

Being uncharged particles, water molecules do not migrate and 
Iheir transport together with the silver and nitrate ions may be 
ignored at a first approximation. When a stationary stale is attained.

l -A n ^ ^ r " - - 0

0 >0,6 .
C|I20 “  CH;0 —TTi---- 1 (14.33)

Subs t nI ion of „cAB- ("i) ~  cab- (<iii
> from Bq. (14.33) for aii.o

( l - M  , 
F \, for

Bq. (14.32) yields

(14.34)

It follows from Bq. (14.34) that when increasing the eurrei 
density can reach a limiting value corresponding to

....=  W H :o - ^ f

This limiting value is attained the sooner the higher (he hydration 
number nh of the aquatcd silver ions formed and it must correspond 
to such a stale of the electrolyte in the region around the anode 
when practically all the water is hound to the ions.

Similarly, for the reaction
Ag(CN); -f e =  lAgl 2CN- 

procceding from right to left the following equation can he obtained: 

- (14.30)

a'Kio)
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which also indicates that the anodic limiting current density can 
be attained. Its magnitude

di/<<>)= 2 ( f - (!) 6 (14.37)

corresponds to the complete depletion of the near-anode laver in 
CN~ ions.

It should be pointed out however that often, even before the 
limiting current density is attained, the concentration of the result
ing substance in the region around the anode reaches its solubility 
limit, c4) i.e., the solution becomes saturated. Further increase of the 
concentration is impossible, the concentration gradient attains its 
maximum value, (c, — c0)/6 , and consequently the anodic current 
density cannot be expected to increase cither. The metal salt may 
begin to deposit from the saturated solution on to the electrode sur
face. Since the electrical conductance of most solid compounds is small, 
there will be a noticeable fall of the potential in the deposited salt. 
Ihe appearance of an apparent limiting current density is often due 
to the formation of surface compounds with the participation of 
oxygen. In all these cases the shift of the potential to the positive 
side may even be accompanied by a decrease in the anodic current 
density. These phenomena constitute the various forms of transition 
of^a metal into the so-called passive slate.

thus, tile diffusion overpotential is determined primarily by 
the limiting current density di, or by the constant kd. Acn.rding 
to the Nornsl-Brunner theory and to Eq. (14.26), the limiting current 
density depends mainly on the diffusion coefficient of the correspond
ing particles, _\j, their charge z,- and initial concentration c) (or. what 
is the same thing, their concentration beyond the diffusion layer) 
and the diffusion-layer thickness 6 . As has already been noted 'the 
transport numbers of a given ionic species, lh can be reduced to zero- 
besides, no migration occurs in the case of uncharged particle* The 
diffusion coefficient can either be calculated or taken from experi
mental data; tile initial concentration c° can also be easily determin
ed. The least definite quantity is the diffusion-laver thickness which 
cannot be calculated within the framework of the Nernst-Briinncr 
theory. It is determined experimentally, most often from measure
ments of the limiting current density. Experimental evidence *hows 
that 6 depends very little on the solution composition but changes 
perceptibly when the regime of electrolyte motion is changed. This 
relationship can be expressed by the empirical formula

6«> =  60co-n (14.38)
where <o =  angular velocity of the rotating electrode equal to 

2nm (m is the number of revolutions of the rotaling-disc 
electrode per 1 second)
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fi0 =  diffusion-layer thickness at an angular velocity equal 
to unity 

n =  a number close to 0.5.
The diffusion-layer thickness determined experimentally ranges 

from 10-i to 10-2 cm depending on the rate of agitation. These values 
of 6 are incompatible with the assumption of complete immobility 
of the solution in the diffusion layer. Indeed, in this case the forces 
arising between the electrode and the solution and responsible 
for the retarded motion should have extended over hundreds of 
thousands of molecular layers, which contradicts all the available 
evidence on the nature of intermolecular forces and is inconsistent 
with the results of elcclrokinetic investigations.

14.1.3. TIIE THEORY OF DIFFUSION OVERPOTENTIAL 
COVERING CONVECTIVE DIFFUSION 

Despite the obvious drawbacks of the Nernst-Briinner theory— 
the impossibility of the theoretical calculation of the limiting 
current density, the physical incongruity of the diffusion-layer 
mode!—nearly 40 years elapsed until a new, more perfect theory 
of the diffusion overpotential was created. Advances in Ibis line 
have been achieved owing to the application of the basic conceptions 
of heat and mass transfer, particularly the laws of hydrodynamics, 
to diffusion phenomena.

This new theory of diffusion overpotential has emerged from the 
coneibutions made by many scientists, especially by Lcvich (1942- 
19501. The underlying principle of this theory is that the stagnant 
layer is actually Ihe layer immediately adjacent to the electrode 
surface and having a thickness of several atomic diameters, i.e.. 
incomparably less than that of the diffusion layer. Both within 
and beyond the diffusion layer the solution is not at rest. The velocity 
of its motion (flow rate) changes on approaching the electrode from 
u =  u v in the bulk of the solution to u =  0 on the electrode surface. 
The change of the flow rate occurs in a certain layer called the 
boundary layer 6b or the Prandtl layer SPr. The transfer of motion 
from one layer to another is determined by the kinematic viscosity 
of the liquid, v, which is Ihe ratio of its viscosity y to its density p:

v =  l  (14.39)

For most solutions v is of the order of 10-1 cm* sec-1. Ihe transport 
of the solute from layer to layer, i.e., its diffusion, is determined 
by the diffusion coefficient A. which is usually of the order of 
lO"1 cm2 sec-1. Thus, the transfer of motion is more effective than 
the transport of Ihe solute by diffusion and therefore at comparable 
values of Ah and Ac the velocity gradient may be lower than the
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concentration gradient, i.c., the thickness of the Prandll layer must 
be greater Ilian that of the diffusion layer. 8 ,.r >  8 . It has been 
shown that these quantities are interrelated by the equation

In other words, the diffusion-layer thickness is approximately 
one-tenth of the Prandll layer thickness

In the layer 6 the solution is not at rest, but its flow rale varies 
linearly, as a first approximation, with distance from (he electrode 
surface.

The relationship between 6 and 8 ,.r and also the variation of 
u and c with distance from the electrode arc shown schematically 
in big. 14.28. Hie value of 8 is governed not onlv bv the velocity 
of the liquid but also by the geometry of the electrodes and of the 
system as a whole and by the method employed to induce the flow 
of the liquid.

For the case of natural convection due to the concentration gra
dient and hence to the solution density gradient, similar equations 
have been derived by a number of workers (I.evicli. Agar. Wagner, 
and others) for a vertical plate electrode, which is very often "iicount- 
ered in electrochemical practice (e.g. in stationary electrolMic cells, 
storage batteries):

The equations obtained differ slightly only in numerical value of tile 
constant A-, which may bo taken, on lheavi>rage. asO.ti. In Kq. (14.42) 
h  is the distance reckoned along the vertical from the lower edge 
of the electrode (see Fig. 14.3a). (> the density of the solution. « the 
acceleration due to gravity, and Ac is the difference in concentration 
within the diffusion layer 8 . liquation (14.42) shows, in particular, 
that for a given system 6 is a function of the distance from a given 
point on the electrode to its lower edge. i.e.. a function of the elec
trode height. With increasing distance from the lower edge the 
value of 8 increases proportionally to It. while the currenl density 
and the limiting current density decrease accordingly1*:

(14.40)

11 At the limiting current density Ac =  c since c. =  U.

(14.43)
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From liquation (14.43) il follows Hint under natural convection 
Ihe limiting current density, in contrast to the Nernst tlieory. Inco
mes dependent on the diffusion coefficient to tile power or 3 -i and 
also on the concentration to the power of 5'4. These corollaries from

Fin- Ii.3. Some practically important eases of convective diffusion: 
ntuiil nlatr (the cathode muter conditions of natural convection); 6—horizontal pinto 

(cathode) alone which n liquid flows, r —rotatme-dlsc electrode

Eq. <14./i-,5) were confirmed recently by direct experimental obscr-
valions.

,\ni,ilid* special case of importance is Ihe laminar flow of a liquid 
flowi:-.o onto a plate electrode from one side (Fig. 14.36).

In this case, according to Eucken and Levich. o is given by tbe
equ;

6 -  3.r’ =«-''»v'«Al 1 (14.4'.)

where .c — distance along tbe bori/.ontal from the electrode edge 
onto which the solution flows 

ii 0 — rate (velocity) of tbe liquid flow parallel lo the electrode 
plane at an infinitely large distance from il. 

Equation (14.44) agrees with the experimentally found relation 
between tbe diffusion-layer lliickness and the rate of stirring. For 
the limiting current density at a point ,r under the given conditions

' v~1 12 (14.45)

In Ibis case the dependence or limiting current density on diffu
sion coefficient is also found lo be different from that in the Nernsl- 
Briinner theory.

A third case of convective diffusion occurs when a rolaling-disc 
electrode is used (see Fig. 14.3c). A specific feature of tbe rolaling- 
disc electrode (as indicated by Levich) is the constancy of the diffu
sion-layer thickness at any point of its surface provided that 6 <  r 
(r is the radius of the disc electrode). The equation for the diffusion-
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layer thickness under the conditions of laminar Dow

is therefore valid for any point on the disc electrode and for the 
electrode as a whole.

The limiting current on the rotaling-disc electrode is described 
by the equation

Still another important case—the dropping mercury electrode_
will be treated later on in the section on polarography.

The conditions of convective diffusion are found to be much more 
complicated in the case of turbulent flow. No sufficiently detailed 
quantitative theory exists so far and the discussion of this question 
would hardly be expedient within the scope of this textbook.

All the equations given in the present chapter refer to the diffu
sion overpotential under stationary conditions, i.e.. when the con
centration gradient is time-invariant and the diffusion-layer thick
ness has attained a constant value. The time required for such a sta
tionary state to be reached is very short, but it is finite and depends 
on a number of factors, primarily on the current density and the 
electrolyte concentration. The treatment of the processes of non
slationary diffusion is based on Fick’s second law:

The use of this equation, i.e.. its solution for the case under consi
deration is impossible without formulation of the boundary condi
tions, which may be different depending on the nature of the system 
under study and the procedure used for carrying out the electrode 
reaction (for example, at a constant current, under galvanostalic 
conditions, or at a constant potential, under polentioslalic condi
tions). A fundamentally correct way for solving the differential 
equation (14.48) without taking into account convective diffusion 
was suggested at the end of the nineteenth century (Sokolov and 
Weber). Later this problem was treated in the works'of many scient
ists—Sand. Cottrell, Agar, Bowden, and others. It has recently 
been the subject of the original investigations carried out by Gorba
chev and his coworkers, especially by Khlopanov. Equations describ
ing the process of nonslationary diffusion are, as a rule, rather sophi
sticated. An example is the formula derived bv Roscbrugh and 
Lash-Miller and referring to galvanostalic conditions:

6 =  1.61(i>- ,/sv‘/*A‘-'» (14.46)

t i i  - 0 .622/ ’(i)1',sv -1/«A1/»Co (14.47)

(14.49)
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and

Al a sufficiently large i ( i-+  » )  the value of p -*■ 0 tends lo zero 
and Eq. (14.49) is transformed into the stationary diffusion equa
tion (14.22):

14.1/1. THE IMPORTANCE OF DIFFUSION 
OVER POTENTIAL PHENOMENA FOR ELECTROCHEMICAL 

PROCESSES

The equations describing diffusion ovcrpolcnlial are based on the 
assumption of a thermodynamic equilibrium being maintained bet
ween electrode and electrolyte. They follow from the Nernsl formula 
for reversible potential. Thus, a study of diffusion overpolenlial can 
yield no additional information on the actual path of the electrode 
reaction or the steps constituting this reaction. At the same time, 
the application of experimental techniques based on diffusion 
overpotential phenomena—the dropping mercury electrode (see 
Chapter 18) and rotaling-disc electrode—enables determination of 
many quantities playing an important role in the kinetics of electrode 
processes and in electrochemistry in general. For example, the 
measurement of limiting current on the disc electrode makes it 
possible to calculate the diffusion coefficients of individual ions. 
A J* lo find out the number of electrons z participating in an electrode 
react ion and to ascertain whether diffusion is the sole limiting step.

s tudy of diffusion overpolenlial phenomena is of still greater 
“"I'ortance for effective solution of numerous problems in industrial 
elecirochemisirv Indeed, the existence of the limiting diffusion
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the highest possible concentration of reducing particles. The optimum 
concentration is determined in this case hy the fact that the solution 
in the vicinity of the anode (in elcctrorelining of metals and applica
tion of various galvanic coatings) becomes saturated the sooner 
(i.e., at a lower anodic current density), the higher is the solution 
concentration. Another way of intensifying an electrochemical 
process is to raise the electrolyte temperature and thus increase the 
diffusion coefficient A. A third possibility consists in increasing 
the flow rale or the rale of stirring of the electrolyte, which reduces 
the diffusion-layer thickness f>'>. Today this aim is successfully 
achieved in electrochemical practice hy using ultrasound, the impo
sition of which increases the limiting current density hy scores 
of times. Interesting electrochemical laboratory setups with forced 
circulation, making it possible to increase the limiting current 
density to any desired degree, have recently been designed by Gorba
chev and coworkers, and also by Geriscber. and others.

The role of diffusion phenomena in electrochemical processes is not, 
however, restricted to the limitation of their permissible rates. 
In certain cases, for example, in the electrodepnsiI ion of metals, 
diffusion has an effect on the quality of the deposits formed, in parti
cular. on their distribution over the cathode surface.

Indeed, if. for example, the eleclrodepositiou of a metal is effected 
in a stationary electrolytic bath with vertical plate electrodes, then, 
as follows from Kq. ( I /i / i2), under the electrolysis conditions chosen 
the diffusion-layer thickness will increase with distance fmm the 
lower edge of the electrode. Under diffusion-controlled conditions 
(near the limiting current density) more metal will be deposited 
on the lower than on the higher part of the electrode, i.e.. the deposit 
will be nouuniform and its thickness will decrease from bottom 
to top. In the case of mixed control, i.e.. when the rale of some 
other step is comparable with that of the transport step or is retarded, 
the concentration gradient

G,

must reduce to zero with height. Since fi,, increases with increasing h. 
the value of c..,,,, must decrease with h when the gradient is nearly 
constant. Hence, the concentration of discharging ions will be 
higher at the bottom than at the lop. Such a distribution of concen
trations will assist in speeding up any other reaction step at the 
lower part of the electrode, i.e.. the deposit will again be distributed 
nonuniformly. 11

11 In nil cases the optimnl parameters must be chosen with account taken of 
economic factors.



Ch. 14. Concentration Polarliatlor

14.2. CHEMICAL (REACTION) OVERPOTENTIAL

l'i.2 .l. T1IE ROLE OF CHEMICAL STEPS 
IN THE KINETICS OF ELECTROCHEMICAL 

REACTIONS

.•Mmosl any electrode process involves, as an integral pari, a purely 
chemical transformation. This chemical transformation may he 
either homogeneous or heterogeneous, it may precede or follow the 
electrochemical act, Iml in either case its rale constant does not 
depend on the electrode potential (since tile transformation is purely 
chemical in nature). Nevertheless this transformation has u notice
able effect on the kinetics of an electrochemical process.

The importance of the chemical step in electrochemical kinetics 
was lirsI ascertained in the course of polarographic investigations. 
The fundamentals of the theory of polarographic waves with account 
taken of diffusion and chemical limitations were elaborated by the 
Czech school of polarographisls: llrdicka (1943). and Wiesncr and 
Others, and also by Delahay and his coworkers. Later the conceptions 
of the important role of chemical transformations were extended 
to oiher sections of electrochemical kinetics. Thus, Vetter and 
Cieiischer (1951) introduced the concept of reaction overpotential 
coi-i'c'eonding to the case where the rale of the electrode process 
is coni colled by the conditions under which chemical reactions 
proceed. In accordance with the classification adopted in this hook 
this type of overpotenlial is called the chemical or reaction over- 
l>otci,ii,il.

The physical meaning assigned to the concept of chemical over- 
potential can he understood by assuming that the overall electrode

involves certain chemical steps. The first chemical step leads to 
the formation of intermediate particles A' resulting from the chemi
cal interaction between particles A and B:

While particles A and B arc incapable of electrochemical reduction, 
particles A' can be reduced to form new intermediate particles [ / :

va A v„D -! - .. .  =  v(,L-j- vmM -}• ■ • • 
to which there corresponds the reversible potential

(14-51)

(14.32}

v aA r  v„B =  v a-A' (14.53)

v.v A' +  z'F  =  vL'L (14.54}
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Further transformation of particles L' gives rise to the final reaction 
products:

v l -L' =  v l L - f  vmM (14.55)
Reactions (14.53) and (14.55) correspond to chemical transforma

tions, one of which precedes and the other follows the discharging 
act. Since it is intermediate particles A' that are discharged and 
the final products are formed only from intermediate particles L', 
the kinetics of each of these two reactions must influence the kinetics 
of the entire electrode process. If one assumes that all the steps, 
except the one corresponding to chemical reaction (14.53), proceed 
unhindered (or are retarded very slightly), the electrode polarization 
will depend on the activity of particles A'. The activity of these 
particles can be introduced into Eq. (14.53), making use of tile 
equilibrium constant K r of reaction (14.53) and putting, for simpli
city, z' =  z :

er =  e° +  1 7 ~ ln K X vM (1-1-56)

If the assumptions made earlier are retained, the activity of partic
les A' during the passage of a current must be different and depend 
on the current density. If the current-induced departure from the 
equilibrium stale is not very great, then the corresponding new value 
of potential may be expressed by the same equation (14.5(3) provided 
the activity a A-(0 of particles A' at a current density i is substituted 
for <zA. :

e, =  e; =  e°+  —  ln (14.57)

By definition, any value of polarization 
9 =  e, -  er

from which, after substitution of e,- and er from Eqs. (14.50) and 
(14.57), one can obtain the following equation for the chemical 
overpolcntial qeA due to the slow rate of the chemical step preceding 
the charge-transfer reaction:

’lea =  Va In — ^  (14.58)

If the rate of the electrode process is governed by the rate of reac
tion (14.55), then, in place of (14.58), one should write

1ca= (14.59)

Equation (14.59) corresponds to the chemical overpolcntial caused 
by the slow rale of the chemical step following the discharge act.
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14.2.2. FUNDAMENTALS OF THE THEORY 
OF CHEMICAL (REACTION) OVER POTENTIAL 

Equations (14.58) and (14.59) arc similar in appearance to 
Eq. (14.6) which was derived earlier under the assumplion of retarded 
diffusion. In holh cases a decrease in the concentration of particles 
being reduced sharply increases polarization (q —oo) and limits 
the rise of the current density (i —<- i/). But the nature of the processes 
underlying Eqs. (14.58) and (14.59), on the one hand, and Eq. (14.6), 
on the other, is essentially different. Under the conditions of diffu
sion lim itations the number of discharged particles is compensated 
for by particles transported from the bulk of the solution under the 
effect of the concentration gradient inside the diffusion layer 6 . 
The limiting diffusion current density dit corresponds in this case 
to the maximum possible concentration gradient and is a function 
of the diffusion coefficients of the reacting particles. Conversely, 
when the purely chemical transformation is retarded, the drop 
in concentration because of particle discharge is compensated for 
by the chemical reaction taking place in the immediate vicinity 
of the electrode or at its surface. The reaction limiting current 
density rt; must be a function of the rale constants of the correspond
ing chemical transformations. The determination of ri( and the 
understanding of the laws governing chemical overpotenlial allows 
one tu study the kinetics of fast chemical reactions by using electro
chemical methods.

An idea of the quantitative expression of the reaction limiting 
current density under stationary conditions can be obtained by 
considering a rather simplified example of the reactions discussed 
in the preceding sect ion. Suppose that all (he stoichiometric numbers 
of reactions (14.51). (14.53) and (14.54) are equal to unity and that 
the amount of substance B greatly exceeds that of substance A. 
i.e., reaction (14.53) may he regarded as pscudomolecular. Then, 
if the changes in the composition due to the slow occurrence of 
reaction (14.53) are localized inside the volume f>r. the reaction 
layer, the rate of increase of the number and concentration of inter
mediate particles near the electrode surface (x =  0) will be determin
ed by the equation:

( ^ l )  o =  6r ( i r ).w 0  =  5r ( ^ - f o A ^ O  (14.60)

where A- and A’arc the rale conslants'of reaction (14.53) in the forward 
and reverse directions, respectively. In terms of current

ir = zF6r (kcA -  kcA.)x-o  (14.01)
'l'he maximum rale of formation of particles A' and. accordingly, 
the reaction limiting current rii are attained when c.y — 0 : 

ri, zFS~kcA (14.02)
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It should however be taken into account that the same magnitude 
of current (under stationary conditions) must correspond to the 
rate of transport of particles A and A' from the bulk of the solution 
(if the reaction producing these particles is homogeneous), i.e., 

id = const lc“v +  c“\ — (cA 4- cA,),.=0l 
or, in the limit, when cA(,=0) =  0

,,i, = const (c° — cA(, =0)) =  i, (Id.63)
where c° stands for the sum cA 4- cA-, and i, corresponds to the 
limiting current density. Eliminating cA(.l=0> from Eqs. (Id.62) 
and (Id.63) and solving these equations simultaneously for i,. one 
obtains

zFc»5rk
1/ = ---------- —

, zF5rk

According to Eq. (Id.26), under stationary conditions at tj 0 

const =  zFA —
and, consequently,

If 6 rA- is so large (6 r6 k >  A) that the unity in the denominator 
may be neglected as compared with the second term, then

i, = dj, =  zFA

i.e., Eq. (14.6d) is reduced to Eq. (Id.26), which corresponds to 
purely diffusion limitations.

If, conversely, 6 rk is so small (fir6?  <  A) that the second term 
in the denominator may be ignored as compared with unity, 
Eq. (ld .6d) then simplifies to

i; =  rh =  zFSjcc0 (Id. 65)
which corresponds to a purely chemical limitation of the rale of the 
process.

The thickness of the reaction layer. <V. can be represented as 
a function of the diffusion coefficient and the rale constant of a che
mical reaction proceeding in the reverse direction

<5r =  A Afc-‘/= (Id.66)
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and (lins, in place of Eq. (14.05), one mny write

ri, =  zF&Ak-k-'/°-<? (14.G7)
l-Yoni Eq. (14.07) it follows') that, in contrast to the diffusion 

limiting current density, the reaction limiting current density must 
be independent of the rate of agitation. Thus, a study into the 
effect of agitation of the solution on the kinetics of the electrode 
reaction enables one to distinguish between the hindrance of trans
port and the chemical transformation. The nature of a retarded 
chemical transformation can be elucidated on the basis of data 
on the influence of the electrode material on the kinetics of the 
electrode process; the absence of this effect indicates that the chemi
cal reaction is homogeneous, whereas the dependence of the kinetics 
on the electrode material points to the heterogeneity of the chemical 
transformation.

14.2.3. SOME EXAMPLES OF THE EFFECT 
OF CHEMICAL TRANSFORMATIONS 

ON ELECTRODE KINETICS

One of the simplest examples illustrating the role of homogeneous 
chemical transformations in electrochemical processes is the electro- 
reduction of formaldehyde, which has been thoroughly studied by 
Brdicka and a number of other investigators. In aqueous solutions 
formic aldehyde is present in a hydrated stale and cannot be reduced. 
For the cathodic reaction to proceed formaldehyde must be preli
minarily dehydrated:

ci-i2o .i-i2o  =  CH20  +  H20
The free formaldehyde is then converted at the cathode into, 
methanol:

CH20  +  2c- +  2H+ =  CIIjOH
Since the chemical step of dehydration is the most hindered one, 
a reaction limiting current appears, whose magnitude is governed 
by the rate constants of the hydration and dehydration reactions:

rit =  zFkr/h ■ cH-o■ ir:o(cciiiO• HiO -i- cch-o)

A more complex and still obscure process of electrochemical 
reduction coupled with the slow stage of homogeneous chemical 
transformation is the cathodic production of nitric acid from nitrous 
acid. 11

11 The some conclusion can be drown on tho basis of Eq. (14.65) if one takes 
into account that fir <  6 and the reaction layer does not therefore undergo a chan
ge with increasing rale of agitation.

22*
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According lo some authors, Ihe reaction

II* +  NO- +  211* -}- 2e =  UNO, 11,0 (14.08)

involves the following steps:
I. II* -(- NO; =  IINO,

II. IINO, -I- UNO, =  N ,0 ; -•- 11,0
III. N,0, =  2NO,
IV. 2NO, -f  2e =  2NO;
V. 2NO; -r 2H* =  2HN0,

It is not the initial nitric acid or its ions but the intermediate 
product, nitrogen dioxide, that is reduced. The reaction leading 
lo the formation of nitrogen dioxide is the sum of steps I, II and III: 

II* +  NO; -r UNO, =  2NO, 11,0
with the equilibrium constant

K |H+HN0;||HN0,1 
An0=_  iNOjPiHjOl 

Introducing into the equation for the reaction equilibrium poten
tial (14.56)

AT. ,n [H-P1N07I e , - e  , in |HN0,||H,,0 |

the concentration of the intermediate product NO, yields

* = e'°+•^ »«m k+■̂ ln ™
where e'° includes the quan tity  A'no,.

If the formation of NO, proceeds at a finite rate, then, owing lo 
Ihe passage of a current, its concentration decreases and becomes 
equal lo |NO,l(. Since neither the pH value nor the concentration 
I UNO,I undergoes a change, one can write, in place of Eq. (14.69):

+  (14.70)

The reaction overpolenlial

qr =  e, — er =  e; —i (14.71)

arising in this case at the step preceding the discharging act will 
he determined by the kinetics of homogeneous chemical reactions 
producing nitrogen dioxide.

The indicated scheme however contradicts the fact of the appearan
ce of NO in the reaction volume. Another scheme has therefore
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been suggested, according to which reaction (14.60) involves the 
following three basic steps:

I. 2IINO- H- 2H+ =  2NO + -i- 2II20
II. 2NO+ -i- 2e =  2NO

III. UNO.-, -p 2NO -f H ,0  =  3HNO,
Here step III following the charge-transfer reaction is considered 
to be the slow one. Although no unequivocal conclusion can be 
made as to which of the two schemes indicated is preferable, it 
should nevertheless be noted that in both cases the kinetics of the 
electrode process is controlled by purely chemical homogeneous 
transformation. . . ,

Numerous examples of electrochemical processes in which the 
homogeneous chemical reaction plays an important role have been 
obtained in polarographic investigations of the reduction of the 
various inorganic and organic substances, in particular organic 
acids It has been found that undissocialed molecules of acids are 
reduced more readily than their anions. In solutions of high pH 
value, however, even weak acids are present mainly in the ionized 
slate. Therefore, in a definite region of pH values dependent on the 
dissociation constant of the acid two waves appear on polarograms. 
one corresponding to the reduction of the molecules, and the other 
to that of acid anions. The measured limiting current of the first 
wave is found to be considerably higher than expected in (he case 
of diffusion limitations. Here the loss of acid molecules is compensat
ed for not only by diffusion, but by another, more effective process. 
This second process is identified with the formation of undissocialed 
molecules of the acid from its anions and hydrogen ions. 1 lie rale 
of this reaction depends on the rale constants of recoinbinnlion k rer 
and dissociation k iis and also on the solution composition:

=  km  [II+]|A-] -  kata |HA| (14.72)

The height of the second wave is governed by the concentration 
of acid anions near the electrode. A study of the dependence of the 
wave height on the solution pH and a comparison of these values 
with diffusion limiting currents allows one to obtain data required 
for calculating the rate constants of the chemical reactions preceding 
the discharge step. Thus, the reduction of pyroracemic acid to 
lactic acid

CH3COCOOH -}■ 2H+ -•- 2e =  CH3CHOHCOOH
yielded l he following data. At pH <  4 only one wave of height h is 
delected on tho polarogram. Since the dissociation constant of 
pyroracemic acid is 3.2 x  10-a mole/litre, it follows that at such 
pH values practically only undissociatcd molecules of the’acid are



342 Part Five. Noneqitlllbrium Electrode Proces

present in solution. If pH >  4, two waves appear instead of one 
their total height remaining practically unaltered and independent 

pll. At n pH value of about (U the height of each wave is appro
ximately half of h and. finally, at pH >  7.6 again only one wave 
is left oil the polarogram. It starts at a more negative potential than 
the vanished first wave and corresponds to the reduction of the acid 
anions. Polarograins obtained over a wide range of pH values have 
enabled calculation of the k rrc and /.Jis of pyroraccinic acid* ihev 
are equal to 7.08 X 10" molc-'/litre sec' 1 and 2.24 x  10a sec.-' 
respectively.
• The course of electrochemical processes is affected almost as 
often by heterogeneous chemical transformation. A typical example 
is the cathodic evolution of hydrogen, in which the final product 
(hydrogen molecules) is obtained through recombination of the 
adsorbed hydrogen atoms resulting from the discharge act- 

2Had. =  II,
If the recombination reaction proceeds slowly, it gives rise to polari
zation. The magnitude of polarization can be determined bv insert
ing the activity of atomic hydrogen in liq. (14.61):

t|ca -------- In ^ f> (14.73)
The anodic evolution of oxygen should also be included in this 

group of processes if its rate is determined, for example, bv the stops 
of formation (or decomposition) of higher oxides of the electrode met al.

An example of the accelerating effect of chemical reactions is the 
increase of the limiting current during the reduction of feme, ions 
to ferrous ions upon addition of hydrogen peroxide to a solution 
of an iron salt. The polarographic reduction of trivalent ferric ions 
occurs at potentials at which hydrogen peroxide is not reduced al the 
mercury cathode. The observed increase of the limiting current 
cannot therefore be ascribed to the superposition of the wave of 
reduction of hydrogen peroxide upon that of ferric ions. This fact 
can however be explained if it is assumed that the ferric ions (formed 
at the cathode surface as a result of discharge) are chcmicallv oxidized 
by hydrogen peroxide with recovery of iron ions of higher valency 

I-V + e =  ,.V + (14.74)

Fc-+ -|- -  H A  =  Fe3+ -; • OH- (14.75)
which subsequently participate in the reduction reaction. The 
decrease in the concentration of ferric ions is compensated in this 
case not only by diffusion but also by a chemical reaction. The rate 
constant of this reaction, described by Fq. (14.75). can be calculated 
by comparing the actual wave heights with the values of diffusion 
Iimiling curranl. rlhe value of tlie rate constant thus obtained agrees 
fairly well with the value found bv another method.



CHAPTER 15
Phase Overpotential

15.1. GENERAL DESCRIPTION OF PHASE 
OVERPOTENTIALS

The term phase ouerpotential suggested by Gorbachev gives a true 
reflection of the nature of the phenomenon. The deviation of the 
electrode potential from the equilibrium value during the passage 
of a current is caused by difficulties associated with the formation 
and development of a new phase under the conditions of electrolysis. 
I t  is therefore appropriate to recall here certain general points 
concerning phase transformations.

All phase transformations can be divided into two groups accord
ing to the character of transition from one phase to another. I hase 
transformations of the first group are not accompanied by metastabi- 
lily phenomena, i.e.. superheating, supercooling or supersaluration. 
To this group belong transformations of a solid phase S into a liquid 
L or gas phase V, i.e.,

S L

a,ul S V
Phase transformations S L (melting) and S V (sublimation) 
occur at the surface of a solid and are not associated with an increase 
in the surface area of the interface and hence with an increase in 
the free energy. A solid cannot be superheated to a temporature 
above its melting or sublimation point.

The second group includes the following phase transformations 
characterized bv metastability phenomena:

1. s , S: =  formation of a new solid compound, or recryslalli-
zation. ... ,

2 . L —>- S =  formation of a precipitate, or crystallization from

3 . v  -► S =  transition from gas to solid, which is also called
sublimation.

A. L -*■ V =  boiling.
.a. V L =  condensation.
In all these transitions the formation of a new phase invoices 

nuclcation and is invariably associated with an increase in the 
surface area of the interface and hence with an increase in the free 
energy of the system. By a three-dimensional nucleus is understood
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\hl L n ! T l ° rT li0n, ?l >' ,U>W ,phaSe wi,h ensuring llleattainment of equilibrium with the .surrounding medimn i c Hie 
phase inside which it originated. In transformations S , S ,  
fl 7 *" b and V ^  S ĥ,s ,s a “ ''clous of a solid phase originating from 
the corresponding changes of the solid S (rccrystallization, formation 
U U oT nr0li l C v 7 C »e)’ .liq" id L (cr>'st«»i*atio«., precipi-
ln  v 7 l  •(|Tuh,nal,10n) >’l,ase- 1,1 transformations L J v  
ho ; L r  L , ‘ 1 bc m!clel °f vapol,r (eas bubbles formed upon boiling) or liquid (drops formed upon condensation). In all these 
v i f SanhCi ^ 7 S r n/ r0n? 7 ° homogenco',s Phase to the other proceeds 
system i n vXc1,7l? 1 .corrresP0,,di“£ to a microbeterogeneous system, in which the nuclei of a new phase are distributed inside
zSd “bv81" 81 °nC‘ Th‘? inlcrmediale' or transition, stale is characterized Dy an increased amount of energy owing to the presence of 
numerous interfaces and its formation requires an acti^aUoTenergv 
determined by the energy of formation of three-dimensional nuclei.

What has just been said can be illustrated bv the process of coni 
densation i.e„ the phase change V _  L. Under definite conditions 
•e, ; ' a t " der,n r  Vap0l,r ')1rcssurc P a”<l temperature T. the appeal 

ranee of three-dimensional nuclei of a new pha.se (liquid drops) 
in the vapour phase becomes possible. From the surface of these 
drops the molecules of the substance can be converted into th!
to T e 'r ld !150' lllc.volumc of » body decreases proportionally
to the cube and its surface proportionally to the square of linear 
dimensions, it follows that with decreasing linear dimensions the 
relative fraction of molecules residing on the surface must increase
and their transition into the initial phase becomes n '
I t is therefore obvious that to suppress the process , 
and preserve the liquid nucleus it is necessary to incro.,-c ...B vanour 
pressure; the smaller is the size of the drops' the higher must be the 
vapour pressure. In other words, the cquilibriumVapour pressure 
above the drop is a function of its size, which can bo expressed mathe
matically by the Hiomson formula:

taporalion 
the v

JiT In (15.11

where P r, and PT, =  equilibrium vapour pressure above drops of 
radii r, and r2 (r, <  r: ) 

a =  inlcrfncial tension
.1/  =  molecular weight of the substance whose 

phase transformation is considered 
f r d — density of this substance in the liquid stale. 

For a phase of finite dimensions r = oo and the Thomson formula 
takes the form

H T l n £ L ~ a * a L (lfi.2)
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where r  =  radius of the drop
V =  molar volume of Ihe substance in the liquid slate. 

From Kq. (15.2) it follows that P r >  />., i.e., the vapour pressure 
above u drop of radius r is always greater than above the liquid 
itself. The quantity R T  In (PrIPa ) may servo as a measure of super- 
saturation required for the formation of nuclei of radius r: it will 
be the greater the higher is the inlcrfacial tension a (the excess

Fig. 15.1. Two types of pliosc transformations

surface energy) and the smaller the radius of the drop. r. rlhe transi
tion from tlie vapour to the liquid stale is shown schematically 
in the diagram of Fig. 15.1 pertaining to conditions when the liquid 
is the more stable (its free-energy level is lowrer than (hat of vapour). 
The same reasoning is valid for the formation of nuclei of a solid 
or vapour phase.

The formation of nuclei of size r requires an energy U3. which 
can be estimated for the case of liquid drops by the equation

i6na3 ( i i ) 2

3 [ n r  in - £ - ) 2
(15.3)

Similar relationships hold for nuclei of other phases.

15.2. PHASE TRANSFORMATIONS IN ELECTROCHEMICAL PROCESSES

15.2.1. FORMATION OF A NEW PHASE 

Electrochemical processes very often involve the formation of 
a new phase. For example, the electrolysis of alkali solutions gives 
rise to gas phases (hydrogen and oxygen) resulting from the decoin-
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position of a liquid phase (water), and the electrolysis of chloride 
solutions leads to the evolution of gaseous hydrogen and chlorine. 
When solutions of metal salts are subjected to electrolysis, new 
liquid (Mg, Ga) or solid (Cu, Zn, Pb, Mi, Cd. etc.) metallic phases 
are formed at the cathode. When an acid accumulator is being 
charged, solid lead sulphate is transformed to metallic lead at one 
of the electrodes and to lead dioxide at the other. The number of such 
examples could be considerably increased, but what has been s"aid 
is sufficient to illustrate how often one has to reckon with the forma
tion of new phases in the course of electrochemical processes.

When a new phase is formed electrolytically, its energy level, 
in contrast to ordinary phase transformations, is not necessarily 
lower than that of the initial phase and the process may proceed 
with increase in the free energy of the system, this energy being 
supplied in the form of electrical power. The direction of a phase 
change is determined in this case by the magnitude and sign of the 
electrode potential rather than by temperature and pressure.

If the slow step of an electrochemical process is the formation 
of a new phase and all other steps proceed at a faster rale and may 
be considered reversible, then

e , -  er = ilp)l (15.4)
where qp/l is the phase overpotential. The probability of three-dimen
sional nuclealion is determined by the quantity U3 and consequently 
its rale under the conditions of an electrochemical process, i.e.. the 
current density i, must also be a function of U3:

i =  lie-L's"<r (15.5)

On the other hand, the magnitude of phase overpotenlial must 
be proportional to the supersaturation of the system and

z / ^ f l r i n - ^  (15.6)

Substitution of the value of U3 from Eq. (15.3) into Eq. (15.5) 
and replacement of RT  In {PrIP„) by zFr\ gives

10ao3(-^-)2 J

t = ke~ 3i:F^ 2 "St (15.7)

In (' =  In k — iC*°J (4 -)2
’ll,/! RT

(15.8)

This relationship has not yet been observed experimentally for 
the evolution of gaseous products. Evidently, the formation of a gas 
phase is hindered lesslhan the other steps—diffusion, chargc-trans-
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out by Kaischew and Mutafehiew (Bulgaria) have shown that the 
number of mercury nuclei formed after the passage of a short-time 
current pulse is linearly dependent oil the inverse square of the 
overpotenlial (see Fig. 15.2).

15.2.2. THE GROWTH OF A CRYSTALLINE PHASE 

In the experiments mentioned above the surface of platinum was 
covered, on prolonged electrolysis, wilh the corresponding metal, 
whose further deposition is attended by crystallization, or crystal 
growth alone, without the formation of a new phase. The hindered 
growth of a solid crystalline phase may also be responsible for the 
buildup of a phase overpotenlial. which should be called the cry
stallization overpotential i)cr in this particular case. The crystalliza
tion overpotenlial has been studied most thoroughly in the case of 
eleclrodcposilion of metals, although there are works devoted to the 
formation of oxide and other films on the anode surface. In order 
to understand the essence of the crystallization ovcrpolontial it is 
necessary first to have a look at metals from the viewpoint of niorpho-

,0Solid metals are crystalline bodies, i.e., are built up of identical 
unit cells, in the lattice points of which partly ionized atoms are 
situated. A repetition of such identical unit cells in space forms
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a crystal of finite size homogeneous and anisotropic in different 
directions. Most metals crystallize in one of the following three 
lattice structures: cubic body-centred (e.g. alkali metals, Ba. a-Fc, 
Mo. \V) which is the a-iron .structure: cubic face-centred (Ca, Sr,’ 
Ni, Al. Ti. y-Fe, P-Co. Cu. Pt) which is the copper structure; and 
hexagonal (Be. Mg, cc-Co, Ti, Os) which is the magnesium structure.

The primitive cell of the cubic body-centred structure is a cube 
with atoms (or ions) of a corresponding metal located at its corners 
and in its centre. The basic unit of the cubic face-centred structure 
is a unit cell corresponding to a cube, in which structural units 
(atoms or ions) are situated at the corners and in the centre of each 
face. The hexagonal lattice structure is built up of hexagonal prisms 
with the corresponding structural units located at the corners. 
Since all crystals are built up of identical unit cells that repeal 
themselves indefinitely in three dimensions, they are characterized 
by symmetry, i.e., the coincidence of identical parts of figures 
in symmetry operations (rotation, reflection, etc.).

The basic elements with respect to which symmetry operations 
are carried out are the centre of symmetry, the axis of symmetry 
and the plane of symmetry. In the case of the cubic lattice structure 
three mutually intersecting edges of a cube may be chosen as the 
axes of symmetry. For the hexagonal structure the 'i-fold axis of 
symmetry is usually used.

bach possible face of a crystal can be determined from the inter
cepts which it cuts on the axes of reference. Most often use is made 
of the ratio (known as the axial ratio) of the intercepts of I be unit 
face on the axes of reference to the intercepts of a given face on the 
same axes. 1 hese axial ratios are whole numbers and a set of these 
ratios constitutes the symbol of a face: (h. k. I) for cubic lattices 
and (/t, k. I, m) for hexagonal lattices: each of the quantities enclosed 
in parentheses is an index of a crystal fare. It is customary to choose, 
rsa  unit or reference face, a face which intersects all lliree axes of 
reference. Faces characterized by a set of identical indices written 
in different sequences, such as'(IOO) or (010). are also identical. 
Different faces arc designated by sets of different indices. For exam
ple (100) is the face of a cube. (110) the fare of a prism, and (1 11) 
the face of an octahedron. Faces having different svmbols differ 
also in packing density, i.e.. the number of atoms per unit surface area 
(usually per 1 cm1). For example, the ratio of packing density for 
three faces in the face-centred lattice (the copper structure) is 
N  (011) : N  (001) : .V (1 1 1) =  1 : 1.38 : 1.63. or in absolute value: (Oil)

(Oil)
(001)
(lit)
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whore VA is the atomic volume. Since VA is different for diDerent 
substances, the packing density must be a function not only of 
the face symbol but also of the nature of the substance. As the 
packing density for these faces is different, it follows that many 
other properties, such as the rate of growth (exchange currents), 
the surface potential and hence Ihe electronic work function, and 
the null point, must also be different, which should be taken into 
account in treating processes of eleclrocrystallization.

An electrolytic metallic deposit can thus be described by its 
crystallographic structure. For instance, the crystallographic struc
ture of electrolylically deposited copper will always correspond 
to the structure of the fncc-cenlred cubic lattice. Depending on the 
electrolysis conditions, one can obtain deposits having two or three 
different crystallographic structures for some metals (c.g. iron, 
manganese).

All those specific features of the structure of crystalline bodies 
must be taken into account when considering the processes of nnclca- 
tion and crystal growth during electrolysis, in particular, during 
the cathodic deposition of metals. The similarity between the electro
lytic deposition of metals and the formation of crystals from the 
gas. liquid or solid phase is reflected in the term eleclrocrystallization 
coined by Kistyakovsky.

A crystal in equilibrium with the environment assumes a shape 
corresponding to its minimum surface energy:

2 a (Q| =  m(re (15.9)

where a. and Q; are the surface tension and the surface area of an 
ith face,' respectively. Wulff (1901) proposed the following method 
for finding out the shape of an equilibrium crystal. From any point 
in space draw, in the directions of possible crystal faces (Fig. 15.5), 
vectors whose lengths h-t are proportional to the surface tensions a ( 
of the faces perpendicular to them. The smallest part of the space, 
which is bounded by planes passing through the vector end points 
and contains the origin, will be the equilibrium shape of the crystal 
satisfying Hq. (15.9). For an equilibrium crystal

-£- =  const (1.5.10)hi
For the formation of nuclei of a solid phase this quantity should 
be substituted into the Thomson equation for the ratio a r.

The growth of each face of a crystal is governed by the conditions 
under which new structural units (atoms or ions) land on its surface.

During the growth of a crystal formed from a gas phase or moll 
of a given substance, for example, from a molten metal, the attach
ment of each new structural unit on the crystal face is the result 
of its interaction with lattice-atom neighbours.
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Since (he packing density is different for faces haring different 
indices, their growth rales mast also be different. For general treat
ment of Iko problem, however, this difference may be ignored, 
assuming that tbe most important factor here is tbe interaction of the 
new structural unit (an adion) only with underlying metal atoms 
in direct contact with it.

At the beginning of tbe growth of a face the attachment of new 
structural units, say, metal ions, on tbe face plane (planar site 1)

Fig. 15.3. Finding (lie equilibrium crystal slmpo according to Wultl (the plane

results from interaction with only one lattice-atom neighbour 
(Fig. 15.4a). We will denote this energy of interaction with one 
neighbour us a.

When a larger number of atoms have landed on the crystal face, 
they may agglomerate and form monoatomic islands of different 
shape (Fig. 15.46). The addition of new atoms to the step (step 
site II) is facilitated by contact with two neighbours and in this 
case the interaction energy is equal to 2a.

Further, surface monoatomic layers with kinks may form 
(Fig. 15.4c). in which case the addition of a new atom is facilitated 
by interaction with three close neighbours (kink site III); here 
the interaction energy is 3a. After this surface layer has been formed 
the addition of each next atom to it is accompanied by an energy 
gain of 3«; only at the beginning of the growth of each new row'of 
atoms does the gain of energy equal 2a, this providing a so-called 
“repeating step'’ and the highest rale of spreading of the atomic 
monolayer over the surface, i.c.. the fastest growth of the crystal 
face. When this monolayer of atoms covers the whole face piane. 
further growth will proceed via the same steps (a, 6 and c) until 
a two-dimensional island is formed, providing a repeating step.
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Evidently, the hindrance to the face growth is the least during the 
formation of such an island, which, by analogy with a three-dimen
sional nucleus, was named a two-dimensional nucleus. Tho rale of

tit

Fig. 15.4. Formation of a deposit 
on the rnlliodc surface:

face growth, i.e., the rate of formation of a crystalline phase, 
m ust'’therefore be a function of the energy required to create 
a two-dimensional nucleus; this energy U« is determined from 
the equation

aoJQj, 
U - ~  RT In (PilPa)

(15.11)

where ad =  edge stress characterizing the excess free energy at the 
edges of the nucleus

Om =  surface area occupied by one gram-molecule of the 
substance

Pi =  equilibrium vapour pressure above a nucleus of peri
meter I

PK =  equilibrium vapour pressure above a given solid phase 
of finite dimensions.

Volmer (1930) assumed that the above mechanism of crystal 
growth from the vapour phase may be extended to the case of 
eleclrocrystnllization of metals. The rate of face growth (in terms 
of current density) can then be expressed by the equation

i =  ke-v,/itT  (15.12)
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Assuming, as before, that the overpotenlial corresponds to super
saturation

zFv  =  RT  In (15.13)

Volmer deduced an equation relating the current density to the 
crystallization overpolenlial

(15.10

15.2.3. THE CRYSTALLOCHEMICAL THEORY 
OF ELECTROCRYSTALLIZATION 

Until quite recently nobody succeeded in creating such conditions 
of electrolysis under which the slow step would be the formation 
of two-dimensional nuclei and the deviation of the electrode poten
tial from the equilibrium value on passage of a current would cor
respond to the crystallization overpotential: 

e, = er = qcr
Only very recently (I960) Budcwski and coworkers demonstrated 
the possibility of such a process. They conducted experiments with 
the ideal face (111) of silver serving as the cathode, with the use of 
the pulse technique. In these experiments a short-time current 
pulse was imposed on the cathode, which resulted in a shift of the 
potential sufficient for the formation of a two-dimensional nucleus; 
then the potential shifted to the positive side, which excluded 
the possibility of formation of new two-dimensional nuclei but 
ensured the growth of the existing nucleus. The current flowing 
through the cell first increased and then, after the advancing crystal 
front reached the edge of the face, dropped to zero. 1’or the crystal 
face to keep growing further the potential had lo be shifted again 
to the negative side, to values ensuring the formation of a new 
two-dimensional nucleus. The results obtained by Budcwski have 
shown that there are periodic oscillations of the current at a pre-set 
potential or of the potential at a constant current, and that the 
growth of a crystal face involves the formation of a two-dimensional 
nucleus and its spreading over the surface. This mechanism however 
operates only in certain limiting cases which are not realizable 
because of a number of factors. Some of those factors were taken 
into account in the crystallochemical theory of clcctrocryslalliza- 
tion developed by Gorbunova and Dankov; this theory may be 
regarded as a further development of Volmer’s views.

The crystallochemical theory presupposes the possibility of the 
formation of pile-ups of growth layers (consisting of several “storeys" 
of two-dimensional nuclei) when the effects of surface passivation 
and change of (he ionic concentration of the solution arc superimpo-
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scd ncnr I lie advancing growth front. It is assumed that the part 
of tlio surface which has been in contact with the solution for a long 
time becomes blocked and additional energy is required for a now 
two-dimensional nucleus to be formed on it. Conversely, the surface 
of a newly born two-dimensional nucleus remains free of adsorbed 
extraneous particles and a new two-dimensional nucleus may form 
on it with a smaller amount of energy consumed. The thickness 
of such a pile-up is limited by tbe decroaso of the concentration 
in the zone where two-dimensional nuclei arc piled up, and the 
growing electrodeposit can therefore move only along the face plane 
rather than normally to it. The existence of pile-ups of two-dimensio
nal nuclei has been observed experimentally by many authors.

15.2.4. THE ROLE OF SURFACE M1CROSTRUCTURE 
AND DEFECTS IN ELECTROCRYSTALLIZATION PROCESSES

The passivation and concentration effccls undoubtedly play 
an important role in the processes of crystal growth, but they are 
not the only causes responsible for the departure of the actual picture 
of crystallization from the idealized Volmer model; moreover, they 
are not always the principal factors. One of the causes should be 
sought in disturbances of the perfect crystal structure, i.c., in crystal 
lattice defects, and primarily in the appearance of portions in which 
the arrangem ent of structural units is different from that in the 
perfect l.dlice of a given crystalline body (so-called dislocations).

Figure In.’) shows a screw dislocation which results in a mono- 
m olecular step on the crystal surface. The addition of even the 
first structural unit to the edge of the dislocation results in an energy 
gain of 2<i and ensures the appearance of a repeating step with an 
cMerge gain of 3a. With the addition of new units the dislocation 
step "will advance in the direction 1. Simultaneously at the disloca
tion centre 0  a new step appears, which is perpendicular to the 
initial direction of the dislocation; this step is also capable of further 
growth but in the direction 2. At the new centre of dislocation, again, 
there appear favourable conditions for the formation of a repealing 
step in the direction 3, and so after a certain period of lime under 
current the initial dislocation will grow into a spiral front. A crystal 
surface may have a largo number of dislocations, in which case 
several spiral fronts are formed simultaneously, this resulting 
in the deposition of a metal at a low crystallization overpolcnlial. 
Those conditions were realized in experiments on electrolytic deposi
tion of silver carried out by Kaischcw. lixtrnncous atoms and mole
cules that find their way into the deposit disturb the lattice structure 
and contribute to the formation of dislocations on its surface during 
electrodeposition. Thus, the appearance of a crystnl defect on tho 
face plane promotes the process of crystallization. If the number
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of defects (dislocations) per unit surface area is sufficiently large, 
i.e., at a high density of defects, the need for two-dimensional 
nuclcation is eliminated. A theory of crystallization and elcclro- 
cryslallizalion taking into account the role of dislocations has been 
formulated in the works of a number of researchers (Burton. Cabrera 
and Frank, Kaischcw, Fischer, Lorenz and their coworkers. Vermi- 
lyca, and others); this theory is in good agreement with experimental

Fig. 15.5. Spiral growth of a crystal caused by a dislocation

evidence. For one thing, it follows from this theory, in conformity 
with experimental data, that the crystallization overpolenlial is 
lower than could be expected on the basis of the Volmer theory, 
which ascribes the decisive role to two-dimensional nurleatioii. 
The now theory also accounts for the spiral growth observed during 
the clectrodeposilion of many metals on the surface with screw 
dislocations and for a number of other experimental facts.

15.2.5. THE ROLE OF DEHYDRATION PHENOMENA 
IN THE CATHODIC DEPOSITION OF METALS 

The departure of the Volmer theory from experiment may also 
be attributed to the neglect of the difference between crystallization 
from the vapour phase and electrocrystallizalion. In the former case 
the atoms or molecules of a substance are in a free slate, and in the 
latter they are present in solution in the form of ionic or other 
complexes. In the cathodic deposition of a metal from a solution 
of its simple salt a metallic ion has to divest itself of its sheath of
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hydration water before it can be incorporated into the metal lattice. 
This process requires considerable energy, of the order of tens or 
hundreds of kilocalories. Indeed, as follows from Table 3.9, the 
hydration energies of ions (except univalent ions of large size) 
exceed, as a rule, 100 kcal/g-ion. Bockris and Conway (1958) pointed 
out that taking into account dehydration greatly changes the picture 
of lattice incorporation during electrocryslallizalion as compared 
with the Kossel-Slranski model on which the Volmcr theory is 
based. When an ion enters the crystal lattice, it loses completely 
its hydration sheath and its charge is compensated by the electron 
gas in the metal. Three variants at least may be visualized here. 
The first variant is a charge transfer to any site on the cathode with 
simultaneous complete dehydration of the ion and addition of a metal 
atom to the electrode surface. In this case the incorporation of the 
ion into the metal lattice will occur according to a scheme correspond
ing to the Volmer theory. However, as first noted by Lorenz (1954), 
the metal atoms formed on the surface differ in their energetic pro
perties from the particles in the metal lattice. Lorenz named such 
atoms adatoms (adsorbed atoms). Since the advancing crystal front 
(two-dimensional nuclei, dislocations) occupies only a relatively 
small fraction of the entire cathode surface, the largest number of 
adatoms must form on the plane (plane site I) and not on growth 
sites (step site II and kink site III). To reach the growth step, adatoms 
have to diffuse along the surface until they find a suitable site (posi
tion III or II) to be incorporated into the lattice. The driving force 
for such surface diffusion is the concentration gradient or. more 
precisely, the activities of adatoms. Surface diffusion is thus a neces
sary link in the process of clectrocrystallization and may be its 
rate-determining step, which is not taken into account^by (he 
Volmer theory.

The second variant corresponds to the assumption that the loss 
of the hydration sheath and the charge-transfer step occur only 
at sites where the energy gain is the greatest owing to coordination 
with neighbouring metal atoms which are part of the crystal lattice 
of the cathodic metal deposit. In this case the completely hydrated 
ion moves through the solution, in the region of the double layer, 
parallel to the cathode surface until it reaches a site where charge 
transfer and dehydration arc facilitated (i.e.. a growth side providing 
a repealing step of crystallization). No surface diffusion of adatoms 
occurs in this case and dehydration, charge transfer and lattice 
incorporation take place as a single act.

The third variant is based on the assumption that dehydration 
proceeds stepwise and so-called adions, instead of adatoms, parti
cipate in the process of electrodeposition. The least distortion of the 
hydration sheath is observed when the ion lands on the face plane. 
Suppose, for example, that six water molecules form the primary

23*
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Fig. 15.0. A inoilol illustrating dehydration of an ion at its different 
relative to the cathodic deposit:

hydration layer of the ion-water complex (Fig. 15.G); when (lie ion 
lands on the crystal face, its hydration sheath is slightly distorted 
with the resulting loss of one water molecule (Fig. J5.lib). The 
partially dehydrated ion acquires a metal atom neighbour and 
the electrons in the metal partly neutralize the positive charge of 
the ion. Such a partially neutralized and partially dehydrated
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ion on the metal surface is called an adion (adsorbed ion). When 
the aquated ion lands on the edge of a two-dimensional nucleus 
(on a step site), the distortion of its hydration sheath is relatively 
greater because of sleric hindrances and Ihc ion loses not one but 
two water molecules (Fig. 15.6c), which requires more activation 
energy as compared with its landing on the plane. Still more energy 
is needed when the ion lands on a kink site (Fig. 15.6d), where 
three water molecules arc lost and the bond with the metal becomes 
stronger. The ion is completely dehydrated and gels embedded 
in the lattice only when it is surrounded from all sides by metal 
ions, as shown schematically in Fig. 15.6e. Thus, if the energy 
supplied during the coordination of the aquated ion with metal ions 
does not compensate the energy spent on dehydration of the ion. 
then, in contrast to the Kosscl-Stranski model, the ion will land on 
the crystal plane rather than on the site of a repealing step. This 
inference has been drawn from the calculations made by Conway 
and Buckris for the case of silver deposition at a potential correspond
ing to the null point. According to their conceptions, the electro- 
deposition of metals involves the intermediate formation of adions 
on the crystal plane, surface diffusion to growth sites and incorpora
tion into the metal lattice. As in the Lorenz theory, one of the steps 
in this case is surface diffusion, the only difference being that adions 
are involved instead of adatoms.

At present it is difficult to decide which of the mechanisms consid
ered above is the most probable; still, preference should evidently 
he given to the last two versions. The existence of adatoms and 
adions has been confirmed independently by a number of workers 
using different methods, which have also allowed their concentration 
to be delermined. Surface diffusion of particles is most important 
in those cases when growth sites (dislocations, two-dimensional 
nuclei) occupy  ̂ only a small portion of the surface. Ihen, owing 
to a large distance x d which the adsorbed particles must cover before 
they get incorporated into the metal lattice, the concentration gra
dient Acad!xd and hence the rate of surface diffusion will he low 
in which case surface diffusion may become the slow step (rds) 
in the electrodeposilion of metals. These conditions are possible 
on fares without defects (or faces with a small number of defects) 
and at low polarizations (small current densities) when the number 
of nuclei is small. With increasing polarization the number of 
active centres (growth sites) becomes larger as a result of an increase 
in the number of two-dimensional nuclei and conversion of inactive 
growth sites into active (depassivation). Besides as the potential 
assumes more negative values, the concentration of particles increa
ses. All this results in an increased concentration gradion , and 
surface diffusion ceases to be the slow step. The deposition rale will 
be limited by some other step, usually by the charge-transfer step.
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At still higher polarizations the transport of ions to the electrode 
surface becomes the rate-determining step, and the electrode poten
tial will be governed by the transport ovorpotcntial.

15.3. SPECIFIC FEATURES OF THE CATHODIC 
FORMATION OF POLYCRYSTALLINE DEPOSITS

What has been said above refers, strictly speaking, only to a crystal 
face of definite index. During the cathodic deposition of metals 
a polycrystalline deposit is usually formed, i.e., a deposit consisting 
of a large number of interconnected liny single crystals or grains 
with faces of different index, a circumstance that complicates the 
picture. One of the complications involved is associated with the 
fact that different crystal faces grow at different rates and the nature 
of a deposit undergoes a change duriug electrolysis. To describe 
cathodic deposits one therefore utilizes, apart from the crystallogra
phic structure, such concepts as growth structure, texture and "the 
nature of the deposit.

By the growth structure is generally meant micro- and marroforms 
which a deposit assumes during growth. The most usual growth forms
are: pyramidal, lamellar, and their combinations or derivatives_
block (truncated pyramids), ribbed (a special case of the lamellar 
form with sharply defined ridges) and cubic (intermediate between 
the pyramidal and the lamellar form), and also the growth spirals 
mentioned earlier, whiskers (thin single threads) and dendrites 
(three-like deposits).

At small polarizations pyramids are often formed, which assume 
a lamellar structure with increasing polarization, and change into 
polycrystalline deposits or dendrites at still higher polarizations.

By texture is understood the preferential orientation of definite 
faces of polycrystal grains relative to some axis. What is most 
important in electrodeposition is the orientation relative to the 
axis normal to the cathode surface, i.e., the axis coinciding with 
the direction of growth of the deposit. If crystal faces show such 
an orientation, one speaks of a textured deposit and of a texture 
corresponding to the orientation of a definite face type. For instance, 
in the eleclrodeposilion of copper from cyanide solutions the cry
stallites are not oriented and the deposit is not textured, but when 
copper is deposited from sulphate electrolytes the texture (Oil) 
is formed. In the case of nickel the texture (001) or (112) is observed 
when it is deposited from sulphate or chloride solutions, respective
ly. Texture is formed during eleclrodeposilion and may be associated 
with the appearance of new faces which were absent at the initial 
stage of electrolysis. Since different faces are characterized by diffe
rent exchange currents, during the formation of a deposit (lie elec-
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trodo potential /nay change at a constant current (or, conversely, 
the current may change at a constant potential).

'Hie concept of the nature of a deposit covers a number of features 
such as monocryslallinily or poiycrystallinily, orderliness ormhomo- 
treneitv grain si/e —the line-crystalline structure (the linear dimen
sions of crystallites not exceeding 1 0 '3 cm) or the coarse-crystalline 
structure (the linear dimensions of grains being greater than 10 cm), 
etc. The term is used for qualitative description of metallic deposits.

15A . TYPES OF PHASE OVERPOTENTIAL

In the case of the electrochemical formation of a crystalline 
phase the concept of phase overpotential, as follows from this chapter, 
is in fact a combination of several types of ovcrpotential and it 
would therefore he more correct to call it phase polarization. In 
a general case the phase polarization is composed of three types 
of phase ovcrpotential: the ovcrpotential arising from the retarded 
formation of three-dimensional nuclei, T|a; the ovcrpotential caused 
bv the hindered formation of two-dimensional nuclei, i)2, and me 
ovcrpotential due to the slow occurrence of surface diffusion, ibd  

&tph =  ■ilpi, =  ib  +  ib  +  n«d (lo,15)
The predominance of one or other type of phase ovcrpotential 

depends on the deposit growth stage, i.c.. on the lime c apsed from 
the beginning of electrolysis, on the nature of the metal and the 
cathode substrate, the solution composition (and especially tlie 
nature and concentration of surface-active particles), the current 
intensity, temperature, etc.



CHAPTER 16 

Electrochemical Overpotential

16.1. THE CONCEPT OF AN ELECTROCHEMICAL STEP

As has already been noted, any electrode process inevitably 
includes one or several steps at which particles cither accept an 
electron (reduction reaction) or lose it (oxidation reaction).

The possible slow occurrence of this electrochemical step was 
first pointed out by Kolly (1880). The understanding of the causes 
responsible for the finite rate of this reaction step was ^really pro- 
moted by the works of LeBlanc (1910) and Izgaryshev (1915) which 
directed the attention of clectrochemisls to the important role 
of ionic hydration and dehydration in the kinetics of electrode 
processes. Kobozev and Nekrasov (1930) were the first to show 
in their experiments on the cathodic evolution of hydrogen that 
the slate of particles immediately after thev arc discharged may 
difter essonlially from the state of the final products of the electrode 
reaction. The rates of the discharge and ionization stops in the 
cathodic reaction of hydrogen evolution were measured bv Dolin 
Ershler and Frumkin (1910).

The earliest successful attempt at quantitative formulation of the 
/ °f, * r ,  di“ l,nIF° " T  m,ade by Erdey-Gruz and Vol.ner
(1930), who deduced a formula relating the actual electrode poten
tial to the current density. It is the basic equation of electrochemical 
overpotentinl, which is in accord with the empirical equation for 
hydrogen overpolential. However, the theory of slow discharge 
in its original form contained a number of insufficiently grounded 
assumptions and could not explain satisfactorily all the experimental 
facts. 1 he major contribution to the slow-dischargc theory was made 
by Frumkin (1933), who was the first to take into account the effect 
of the double-layer structure on the rate of electrochemical processes 
These ideas largerly predetermined the basic trend in the develop
ment of the electrochemical science and the present stale of the art

Since the electrochemical act limits the rate of the overall electrode 
process, the current-induced deviation of the electrode potential 
is often called thc slow-discharge (or slow-ionizalion) overpotential. 
Lately the term charge-transfer overpotential has come into use 
But the essence of the electrochemical step does not reduce to the 
change of the valency stale of particles (the discharge-ionization 
act) or to the transfer of charge across the electrode-electrolyte
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interface. The gain (or loss) of an electron by a particle implies 
also the alteration of its physicochemical and energy slate. For 
instance, in the course of the reaction

II30 + -i- e =  Uad. + H20  

the gain of an electron by the particle H30 + means that not only 
has the charge changed from Z| =  1 to z2 =  0 hut also that the 
hydrated proton has become an adsorbed hydrogen atom, i.e., that 
the bond between the hydrogen ion and the solvent is broken up and 
a new one is formed between the hydrogen atom and the metal. 
The reduction of ferric ions to ferrous ions

Fe3+xII20  +  e =  Fe2+ yH20 +  (x -  y) H20 
involves the addition of one electron (z =  1), the change of the 
ionic charges from zt — 3 to z2 =  2 and the rearrangement of the 
hydration sheath associated with the loss of (x — y) water molecules. 
In the case of the reduction of vanadate to vanadyl 

VOj + e +  m *  = V03+ +  2H20
the gain if an electron (z =  1) is accompanied by the change of the 
number of oxygen atoms in the ion (from three to one), its valency 
(from n, = 5  to n2 =  4) and its charge (from zt =  —1 to z2 =  -'-2). 
Here the number of electrons participating in the discharge step 
cannot bo defined as the difference between the effective charges 
of the particles before and after the electrochemical act; in this 
case it corresponds to the difference between the valencies n, and n2.

In the deposition of a metal from a solution of its simple salt the 
metallic ion divests itself of its hydration sheath and becomes an 
adatom (or ad ion)

M£J + ze = Ma +  H20 
which is then incorporated into the metal lattice.

It should be pointed out that the electrochemical deposition of 
metals may be regarded not as a discharge reaction with transfer 
of an electron from the cathode metal to the metallic ion in solution 
but as the transition of this ion from one phase (solution) to another 
(metal), its charge being compensated by the free electrons of the 
metal:

Mi; +  zet„] =  [Ml +  H20
where C|M] represents an electron in the metallic phase.

Thus, the gain or loss of a charge by a particlo is always accom
panied by the rearrangement of its structure and the chango of its 
nature. The more profound these changes, the higher must be tho 
activation energy and the lower the rate of the electrochemical step,
i.e., the greater the probability of this step determining the rale
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of the overall olcclrode process and giving rise to an overpolenlial, 
which will be called hereafter the electrochemical over potential^ and 
denoted by q,. or simply by q.

The theory of electrochemical overpolenlial was first developed 
for the cathodic evolution of hydrogen and later extended to other 
electrode processes. Until very recently this theory was based on the 
classical laws of the kinetics of heterogeneous chemical reactions. 
The quantitative relationships between tho overpolenlial i| and the 
current density i wore obtained by applying the Mrbnstod principle 
of parallelism between tho activation onergy U and the thermal 
■effect (or tho free-energy change AG) for a series of similar reactions. 
Hie quantum-mechanical treatment of electrode processes began 
to emerge only recently although some attempts in this direction 
were undertaken in the middle of the liblU’s (tlurney, Esin, and 
others). The bulk of investigations in this held have been carried 
out by Chrislov, Marcus, Lcvicli and a number of oilier scientists. 
A roview of the works on the quantum-mechanical theory of electrode 
processes is outside the scope of Ibis book.

IG.2. THE IMMNCIl’LES OP THE THEORY 
OP ELECTROCHEMICAL OVERPOTENTIAL

Originally, the theory of electrochemical overpolenlial implied 
conditions where the structure of the double layer and I lie distribu
tion of tho potential between its Helmholtz, and diffuse parts could 
bo ignored.

This assumption is justified (particularly in the region of low 
overpolenlials) if the following conditions are salislied.

1. Either the concentration of particles taking part in the electro
chemical act is sufficiently high ( > 0.1 niole/lilre) or at any concen
tration of potential-determining particles the solution contains 
a lurge excess of foreign capillary-inactive electrolyte.

2. The solution contains no particles capable of being specifi
cally adsorbed on the electrode.

3. The electrode potential is sufficiently remote from the /.oro 
point.

If these three conditions are fulfilled, the zela potential is constant 
and small and its role in the electrode kinetics may therefore be 
ignored. These conditions are realizable in many practically impor
tant applications of electrochemical processes.

Further, the original version of the theory of electrochemical 
overpolenlial did not take into account that the nature of the par-

>> Other terms which are widely used in the literature will also ho omployed 
to designate this type of overpolenlial.



Ch. 16. Electrochemical Ovcrpotenttal 303

tides participating directly in the elementary electrochemical act 
may differ from the nature of the initial substances and final pro
ducts of the electrochemical reaction.

Suppose that the discharge step is described by the equation
Ox -f- ZjF =  R (16.1)

where Ox represents particles which are near the electrode and are 
subjected to reduction by accepting Zj electrons, and H denotes 
particles formed immediately after the charge-transfer step. In the 
general case, the nature of particles Ox and II may differ from that 
of particles Ox0 and 11° involved in the overall electrode reaction 

Ox0 +  zF =  R°

just as the equality z =  Zj may not be observed.
Tor instance, in the cathodic evolution of hydrogen the final 

products 11° arc hydrogen molecules and z =  2 :
2H30 + +  2c =  II, +  2H,0

and the elementary electrochemical act produces a hydrogen atom, 
which is adsorbed by the electrode, and zj - 1:

1I30 + -!- e =  llaj, H ;0

In the deposition of a metal from complex electrolytes the compo
sition of discharging ions (Ox) often differs from that of complex 
particles (Ox0) predominating in the solution. Similarly, the ele
mentary act of charge-transfer under the conditions of metal depo
sition gives rise to adatoms, which subsequently form a compact 
metal deposit. I t  should however be taken into account that when 
a purely electrochemical ovcrpotcntial is responsible for the devia
tion of the electrode potential from the equilibrium value during 
the passage of a current, i.e.,

Aci =  e( — er =  iic (16.2)

all the other steps arc considered reversible or practically reversible. 
Hence both the transition of the initial substances to the state of 
substances prior to the discharge act and the transformation of the 
particles resulting from the electrochemical act into the final products 
arc also reversible. The concentration of particles Ox and II may 
be expressed in terms of the concentrations of initial Ox0 and final R° 
particles with the aid of the equilibrium constants of the correspond
ing reactions.

The rate of electrochemical roaction (16.1) expressed in the units 
of current density in the forward i (reduction) and reverse t (oxida
tion) directions can bo described by means of general kinetic equa-
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i =  sFklCOs (Hi.3)
nnd

7 =  zFk.cn (16.4)
But, in distinction to ordinary chemical reactions, the rale con
stants A-! and A; in the electrochemical reactions arc functions of the 
electrode potential. At equilibrium, i.e., at the reversible potential 
of the system. er,

i =  i =  zFk\cox = zFk\cK =  i° (10.5)
where i° =  exchange current at the electrochemical stage 
A® and A: =  partial values of the rale constants at e =  er. 
When the electrode potential departs from the equilibrium value 
in the negative or positive direction, assuming the value e, reac
tion (16.1) will proceed predominantly in one direction at a rate ie 
determined by the equation

it = i — i = zF (eA,cox — eAzrn) (16.6)
An assumption has been made that the activation energy of electro
chemical reactions can be resolved into the chemical and the electri
cal component. The former corresponds to the case when the metal- 
solution potential difference gML is equal to zero; this component 
can be designated by U0■ The electrical component corresponds to 
the change of the activation energy due to the electric field in the 
double layer created by the potential difference gLJp, this component 
is denoted by AUt. Thus, Eqs. (16.3) and (16.4) may be written 
as follows

? =  zFtk le -(So + ^ T (16.7)

T =  zFtk . e ^ + ^ IRT (16.8)
If the potential difference £ml is negative, the rale of the forward 

(cathodic) reaction must increase, and that of the backward (anodic) 
reaction decrease in proportion to the change of the electrical com
ponent of the activation energy. The energy of the electrical field, 
sffsiL, is distributed between the two partial reactions. The d islribu- 
tion coefficient a  characterizing the fraction of the double-layer 
energy that affects the forward reaction is known as the transfer 
coefficient. Assuming accordingly that the fraction of the energy 
required for the forward reaction is a  and that for the backward 
reaction is (I — a), one can write in place of Eqs. (16.7) and (16.8):

f  =  zEtA1e-&/nre-«'F«.„L/',T (16.9)
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and

T =  zF tk2e~V'>inTeu ~a)lF*HL,ttT (16.10)

Tlic difference in Ihe signs of Ihe second exponenls in Eqs. flG.O) 
and (16.10) is attributable to the fact that, as mentioned before, 
the energy of the field accelerates one of the partial reactions and 
slows down the other. I t  follows from Eqs. (16.9) and (16.10) that 
when gML <  0 the rale of the forward process will increase and 
that of the backward reaction fall. When gM|, =  0, the partial 
currents i and i will not be equal and their difference

V vl- 0 =  (l — Viml-o

must correspond to the rate of the chemical reaction proceeding 
under the conditions chosen (the concentrations of Ox and R, tem
perature, pressure, etc.), and catalyzed by the material of the electro
de used. The value of cannot be determined experimentally, 
but it can be related to the measurable electrode potential on an 
arbitrary (e.g. hydrogen) scale with the aid of the equation

?ml =  e t  const (16.11)
where Ihe 
Using Ec; 
follows:

constant depends on the nature of the reference electrode. 
. (16.11), one can rewrite Eqs. (16.9) and (16.10) as

and
I =  zFk'lc0xe -^ l>lnTe -azFzlnT =  zFkc0xe~™Fzil'T (16.12)

i
whence

=  zFk'tCRe-U°!*TeU -aU F'/nT =  zF%c^e{l-a)-.Fz-RT (16.13)

i = 7  -  T =  zF (kc0ze~a:Ft/r<T -  kcne l ' - ^ Ft,*T) (16.14)
If e = er, then

i = 1 - 7 = 0
or

r = 7= zFkcoze~aiF^ nT = tF kc# "-* ' (16.15)

then from Eq. (16.15) it follows that

i° =  zFkc(0'x- a)c%e-“*F*°/’'T =  zrac&-a)c£e<1- a>'r t°/nT (16.16)
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t° = (16.17)
where A0 is the rate constant of reaction (16.1), which is 
the equation

given by

A-o =  'ke-u-.FevBT =  X -ed-^fw nr
The exchange current in Eq. (16.17) is a function of the concenlral 

lion of particles Ox and R. If c0x — 1 and cn =  1, then the parlia- 
exchange current corresponding to such unit concentrations is 
called the standard exchange current ij, and serves as a kinetic chara
cteristic of a given electrode reaction. Obviously,

t° =  l'S|Cox “Vr (16.18)

Substituting the expressions for i° from Eq. (16.15) into Eqs 
(16.13) nnd (16.14), one has, respectively:

. (16.12),

7 =  i°e- a,FV RT (16.19)
7 =  jOed-<*> :l=VRT

and
(16.20)

; =  7 _ 7  =  i« (e- " f'V "T _  t/RT) (16.21)

where q,, =  e( — er is the electrochemical overpolential.
Equations (16.14) and (16.21) yield the following ii 

special cases.
1. The electrode potential is equal to its equilibriui 

i.c., e =  er. Then

nportant

i =  0 and t =  i

zFkc0xC-azFer/nT =  zFkcne{l- a)lF^ mT (16.22)

Solving Eq. (16.22) for er, one gets the Ncrnst equation for the 
reversible electrode potential1':

2. The system departs but very slightly from the equilibrium 
stale and the overpotenlial is small and corresponds to the inequality 
zFri <  RT. In this case each exponent in Eq. (16.21) can be expanded

» Here the difference between Ox and B, on the one hand, and between Ox0, 
and R°, on the other, is ignored.
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into a series, only the first two terms being retained:

(16.21)

(1G.25)

Equations (16.21) and (16.25) show that in the region of small 
overpotentials a linear relationship between q and i is observed. 
The quantity (RTIzF)-(Hi0) is a kinetic analog of the resistance in 
Ohm’s formula and is called the polarization resistance R c at the 
electrochemical overpotentiai:

a - S - 4  (10’26>
The value of R e corresponds to the derivative of the overpotentiai 
with respect to current at q -*■ 0 , i.c.,

( S U - - 3 T 4 - + * '
Using the quantity R c, one can write in place of Eq. (16.25)

il =  R ci (16.28)
3. The system departs markedly from equilibrium and a high 

current i passes through il. If i >  i, i.e., the cathodic process occurs, 
the second term in Eq. (16.11) may be neglected as compared with 
the first term and tc defined as a function of the potential with the 
aid of Eq. (16.12):

ic =  T =  zFkc0xe-a:Ft/,,T 

e, =  —  In zFk +  In c0x -  ̂  In ic (16.29) 

For the same conditions Eq. (16.21) yields

ic =  i" =  pe-a-.rnWT

and

Then
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" = ̂ F ln i° - ^ F in i' 
Introducing the notations

2 .3 ^ 1 o g i» = = « c

— 2.3 —-rr = bc asF
Eq. (16.30) can be rewritten in the form

(16.30)

(16.31)

(16.32)

(16.33)
Equation (16.33) based on different assumptions was lirsl derived 

by Tafcl (1905) and is known as Tajel’s equation-, the quantities ae 
and bc are called Tafel constants.

Equation (16.33) can also be arrived at from the definition of 
overpolential:

q =  e, -  e.
by substituting the values of e, and er from Eqs. (16.29) and (16.23), 
respectively.

For the case i <C i, i.e., when the anodic process takes place, 
i = — i„ =  —7 and the first term in Eq. (16.21) may he ignored 
as compared with the second:

;o =  i°c<‘-«)-*■■i/«r (16.34)

T|~  “  (i — a) zF ' 
Introducing the notations 

— 2.3
and

2.3- HT
3 (1 — a) :F - Ua

Eq. (16.35) is transformed into Tafcl’s equation for the anodic 
process

H =  aa + ba log i (16.36)

16.3. THE THEORY OF ELECTROCHEMICAL 
OVERPOTENTIAL WITH ACCOUNT TAKEN 

OF THE DOUBLE-LAYER STRUCTURE 

At the charge-transfer step, the slow rale of which gives rise to 
an electrochemical overpolential, a special role is played by the 
double-layer structure at the interface between two phases. Indeed,
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while oilier steps of the electrode process, e.g. the transport of partic
les or the homogeneous chemical transformation, take place far 
away from tile double layer, though near tho electrode-electrolyte 
interface, the electrochemical act proper occurs within the double 
layer. The distribution of the potential in the double layer and the 
position of the reacting particles in it must therefore affect markedly 
the rale of the electrochemical act and the electrochemical over- 
potenlial. Frumkin. who was the first to pul forward this idea, 
formulated it (|iianlilalivcly on the basis of certain assumptions. 
The first assumption is that the actually existing double layor can 
he satisfactorily described by the Stern model. According to I lie 
second assumption the electrochemical act involves only those 
particles which reside in the Helmholtz part of the double luyer, 
i.c., in the immediate vicinity of the electrode. In consequence, 
the average energy of charged particles and their concentration near 
the electrode surface must be different from those in the hulk of the 
solution, this difference being caused by the potential difference 
£ in the diffuse part of the double layer.

A slightly modified derivation of Frumkin’s formula for the 
electruchcmical overpotenlial as suggested by Parsons and Delahay

Lei the overall electrode reaction be described by Eq. (10.1): 
Ox -f zF =  R

the charge of particles Ox and R being s, and z2, respectively, and 
z =  z, — z-j. To simplify matters, it may he assumed that all z 
charges are transferred during a single electrochemical act, i.e.. 
that z = z,.. For convenience, it is advisable to split up reaction (10.1) 
with respect to time (or, more generally, with respect to the 
reaction coordinate) into steps differing in the nature of the particles 
present and in their position relative to the cloclrodc-elcctrolyte 
interface (see Fig. 10.1). Each step has its own value of the free 
energy of the system (10.1). These steps are as follows.

1. Reaction (16.1) has not yet started. The solution in the system 
contains particles Ox (beyond the confines of the double layer) 
and z electrons are inside the metal (Fig. 16.1a). If the potential 
of the metal is referred to the point in the bulk of the solution where 
it is taken to be zero, the standard free energy of the system under 
consideration in this state, G°. will then he equal to

G? =  Pl'  +  zfRMj — sFffLM (16.37)
Particles Ox have a charge of z,, but since there is no potential at 
their site, Eq. (16.37) includes only their chemical potential 
in the solution. The energy of electrons in the metal is characterized 
by the sum of their chemical potential pfmj and eloclrical component 
zFguiL, where gML is the metal-solution Galvani potential.
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2. Having crossed the site of the £ potential drop, particles Ox 
entered the double layer and found themselves in its Helmholtz 
portion; the reaction has not yet occurred and the z electrons arc

(6; «*)
Fig. 16.1. The sequence of steps for the reaction O s-r zF — II

still in the mclnl. The free energy of the second step, G°t (Fig. 16.1/)), 
is therefore determined by the equation

G?i =  umi +  Zi Ft, +  zufji) — z ^ m l (16.38)
where the subscript LI1 signifies the Helmholtz portion of the double 
layer in the solution.

3. An activated complex is formed. The standard free energy 
of this transition state is equal to

Gin =  G» (16.39)
4. Having added on the z electrons (the metal now contains no 

reacting electrons), particles Ox are transformed into particles R 
in the Helmholtz part of the double layer (Fig. 16.1c). In accordance
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with this the standard free energy G)v is given by the equation

C  =  m!!h - --'.n (16-4°)
5. Particles R have gone beyond tlie double layer (Fig. lG.lrf). 

The standard free energy G°v is equal to the chemical potential of 
these particles:

Gy =  pi! (10.41)
To describe the kinetics of the electrochemical transformation

Parsons and Delahay make use or the Glasslonc-Eyring-Laidler 
theory of the absolute rates of chemical reactions. For electrochemi
cal processes the rate of the forward reaction is written* as

-acVar (1G.42)i -  xzF —  c0l c -J

and that of the reverse reaction
r  wr £ =  «/■ —  crc- '̂- (16.43)

where x =  transmission coefficient (transmissivity) determining 
the probability of occurrence of the process; it is 
usually taken as equal to unity: x =  1 

k = Boltzmann constant 
h =  Planck constant 

G° and G° =  standard activation energies of reaction (16.1) in the 
forward and reverse directions, respectively.

The quantity AG° is defined as the difference between the energies 
in the transitional and initial (first) states

AG° =  GJ -  Ci“ (16.44)

and AG° as the difference between the energies in the transitional 
and final (fifth) stales:

AC" ^  G° -  Gy (16.45)

The quantity G°, docs not yet lend itself to calculation and therefore 
more or less realistic assumptions are made to find the values of 
AC0 and AG°. For instance, since in a general case the free energy 
is equal to the suin of the electrochemical potentials of all particles 
with corresponding stoichiometric numbers

G° =  2 v,P ; i« a. (16.46)

it can be decomposed into the chemical and electrical components:
G# =  Tvjpy -J- 2v  jZjFgftiL =  G°h +  GJ (16.47)
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The activation energy can also be represented as the su 
and electrical energies, i.e..

m of chemical

AG° =  AC?,. -1- AG?
and

(16.18)

AG° =  AGi„ Jr  AG'S (16.19)
Similar equations arc also valid for all quantities characterizing 

the various steps of reaction (16.1):
Gi =  Gfc, r  GJ, =  Guh +  (—zFgLyl) (16.50)
G?[= Giic, +  Giu = G°1Uh +  z,F£ -f- ( - z / 'g MI.) (16.51)

Gin =  C°. =  GSc -r GI, (16.52)
GJv =  G?vc/, -1- C?\> =  Givch +  t (16.53)
G°v -  Gvca +  Gvc =  C“vc, (16.51)

On the basis of Eqs. (16.18) and (16.50) one can 
Eq. (16.11) as follows:

now rewrite

AG° =  G° -  G? =  AG?,, -f  G% -  G?,. (16.55)

or, adding and subtracting GJie,

AG° =  AG?a +  G”, -  GJ„ -f (G?Ic -  G°1(.) (16.56)
Parsons and Delahay assume further that the diffei 

the electrical components of free energies in the tra 
second stales constitutes a certain fraction a  (0 <  
difference between the electrical components of free e 
fourth and second stales:

■cncc hetween 
nsilional and 
a < l )  of the 
ncrgics in the

GJ, — Giic =  a  (GJve — Giie) (16.57)

Combining Eqs. (16.56) and (16.57), one obtains

AG° =  AG?h H- a  (G°IV, -  GJ,,) -f (Gj„ -  G?..) (16.58)
or, after snbstilnling the values of the electrical components from 
Eqs. (16.50), (16.51), and (16.53),

AG° =  AG?/i +  a  -  z* n  +  xFgML) +  (z,f5-sAfcML +
+  z^m l) =  AG?* +  azFgML -  (az — zt) F% (16.59)

Similar reasoning for AG® yields

AG° =  AG?* -  (1 -  o) zFgML -  (etz -  z,) /■£ (16.60)
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Taking into account K(|.s. (16.59) and (16.60), one can now rewrite 
Kqs. (16.42) and (16.43) ns follows:

7  = z . / , - j ^ Coje- ^ / . ' ,,7c-“2F*ML/"Va---M)f!/nT (16.61)

and
7 =  xlF  (16.62)

Since x  =  1 and
If AIL =  8 +  COnSt 

where e is the electrode potential on an arbitrary scale, e.g. on 
the hydrogen scale, it follows that

y = s F j £ Co^-ACO(i/IITe-«.-Fcon.a/BTc -a:Fr/nTe(a.--iI)f-,/nT ( 10-03)

7 =  zF _  Cl(e" 0cii'K'e l ' ' e ‘ w e '~  -  fiu .uo;

If all the quantities independent of potential and ic®V,CCMlr1a,A°̂ lc /?  
lumped into constants, then, in place of Eqs. (16.63) and (16.64),

~i = zFkc0^e-a:ninTê a:~:,)Fi,HT (16.65)

7 =  zFkctfi i-a).->e/Bre(a:-I,)F^nr (16.66)

The net current passing through the electrode at a given poten-

i 7 -  7 =  z/pe(“;- I>)n/«T (fa0(e-«-w nr - ^ ne(i-a):F. HT)
(16.67)

The difference between this equation and the corresponding equa
tion (16 14). which has been derived without taking into account 
the douidc-laver structure, is that the former contains the factor 
e(a;-.-,)F;/nr if £ =  0 or (az — z,) =  0, then Eq. (16.6/) changes 
to Eq. (16.14).

From Eq. (16.67), after substituting e = er : obtain:

7 =  zF e i * - - ^ n w  (770ie-a:>€,/«r(.-a:Fn/nr -

-kcneO -W nR Teii-aW W T)

7 =  jOe<as-n)F;/nr (e - ait'<\/ht _  e<i-a>.-Fii//iT) (16.68)
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For definite regions of e and q values Eqs. (16.67) and (16.68) 
yield formulas coinciding in appcaranco either with the Ncrnst 
equation (e =  er or q =  0) or with Ohm’s law (zFe/RT <  1 <)r 
zFi\JRT <  1). Here we shall consider the third special case in 
which reaction (16.1) proceeds predominantly in one direction. 
If the process occurring at the electrode is reduction, then i >  Y and

i = U =  7 =  i"e(«-*i)"S/»Te-«.Pn/i»T (16.69)
or, after taking logarithms,

1,1 le *nt ‘ NT /IT (16.70)
Solving Eq. (16.70) for the overpotential gives

' ~ Z ' n P + (16.71)
According to Eq. (16.18), the exchange current is a function of

the concentration of reactants in the electrode process:
=  'Vm "a)CR

and, consequently
„ RT
r' = HlF In 'Si +  ’ (‘ a a) 111 c0x -1- —  In c1( -f

+ S^H_ILUuc ’ 116.72)

At a  =  0.5 and :: =  Zi =  l Eq. (1 (>.72) simplifies to

q =  2 - ^ -  In ij, , /IT , , KT , , „ 0 HT , 
d ~p~ 1 n c0x +  ~  In cn -i- ,  — 2 In i. (Hi.73)

This equation corresponds to the formula derived by Frumkin for 
the cathodic evolution of hydrogen. From FrumkiiVs formula it 
follows that the overpolential depends not only on the concentra
tion of the direct participants of the electrode reaction hut also 
on the nature and content of any substances present, primarily 
surface-active substances, which may affect the £ potential. For the 
special case £ =  0 Eq. (16.73) takes the form of the Erdey-Gruz- 
Volmer formula.

16.4. APPLICATION OF GENERAL EQUATIONS 
0; ELECTROCHEMICAL OVERPOTENTIAL 

TO THE MOST WIDESPREAD ELECTRODE REACTIONS

Equation (16.67) and its special case—Eq. (16.1!) — have been 
derived specifically for reaction (16.1):

Ox +  zF =  n
under the assumption that both its participants are charged and are 
present in the electrolyte in dissolved state. It is therefore natural



Ch. 16. Electrochemical Ooerpotenttal

that for nil ion rechurging reaclions such ns 
Foa + +  e =  Fo2+

Fe(CN)J" +  e = Fe(CN);-, elc.
Eq (10.07) can be applied without any changes. For example, 
in the case of reduction of ferric ions to ferrous ions it can be writ
ten as

; =  7  —7  =  Fe<“- 3,f!",T (iccF'i+ + e~aFcinT — kcFct̂ i l - a)Ft'nT)
06.74)

since
cox =  cfc3». cn =  2 =  1* 11,1,1 Z| =  '

When the nu 
to form the 
where cm<hs) 
For instance,

etallic ions are discharged at the mercury electrodo 
corresponding amalgam, coi =  Csu- :'n,l cn =  cm(Hk)’ 
is the concentration of the metal in the amalgam. 
Tor deposition of sodium on a sodium amalgam 

ng
Na+ r « 7  Na(Hg) (1G- ':>)

the electrochemical overpolential will be described by the equation

j , ’ 7 =  /■«(«-1 >t't/«f()tc.Narf- “ F e /n r_

-  A:cN.KHg)e( , - a)F,!" r ) « G-7G)

II iiie metal is deposited on a solid cathode, the discharge of 
ions will at first produce adatoms of the metal (or its adions). and 
only I hen (at the next stage) are they incorporated into the metal 
lattice. In this case c0* =  cM»  and cr =  cU(o), " ’boro cM(„, is 
the adatom concentration on the metal. If the surface concentration 
of adatoms is very low. then the entire cathode surface may he 
considered active and Eq. (16.67) can be written iu its usual form. 
For instance, in the deposition of zinc on a zinc electrode 

Zn2+ -f e =  Zna =  (Znl 
the electrochemical overpotential is described by the equation

i 7 — 7 =  2Fe(->a~2,f't/nT X
X (A-cZn2.e - 2«W nr -  kczn(o)e~(i ~a,f e/,IT (1G-77>

In case the reduction (or oxidation) products are adsorbed on the 
electrode, thereby blocking a perceptible part of its surface equal 
to 0 which can no longer be ignored, Eq. (16.67) must be modified 
in conformity with the kinetic peculiarities of a particular electrode 
reaction This case is best illustrated by considering the cathodic



(10.78)
(10.79)

evolution of hydrogen from acidic and alkaline solulio 
II30 + +  e =  Had, +  IKO 
IUO +  e =  Ha<)J -f 011-

As a result °f an electrochemical act, atomic hydrogen is formed, 
whiph is adsorbed on the cathode. At a given current density the 
coverage of the electrode surface by hydrogen atoms constitutes 
a certain value 0H. If the electrode polarization is caused onlv bv 
the s ow occurrence of the electrochemical step, all other steps 
including the removal of the adsorbed hydrogen, proceed at much 
higher rates than the charge-transfer step and hence the coverage 
at the given current must be equal (or almost equal) to the coverage 
0H m the absence of external current, i.e.. at the equilibrium polcn- 
tia of the hydrogen electrode: 0k =  0H. It may be assumed that the 
hydrogen ions are discharged only on that part of the surface ( I -  0„) 
which is free of adsorbed hydrogen atoms. The rales of hydrogen 
evolution from acidic solutions (z, =  f, z =  1) and from alkaline 
solutions (z| =  0 , z =  1) will then obey the following equations 
respectively, '

i =  7  -  f  =  Fei«-»n/RT |*Cll3o,:(i _  0]l) c-*Ftn,T _

— ^chjoOuc*1 , 5  ] (115.80)

i = 1 - 7 =  Fe*n,KT |Xc, l20 (1 _  0) e-aFc/fiT —

,6 Fart Five- iVonequtltbrtum Electrode Processes

^ o n -0i[C(1-a)fc" ; ] (10.81)
This mechanism of hydrogen evolution is often called tlm Volmer- 
Frumkin mechanism.

Another possible path of hydrogen evolution is the discharge 
of hydrogen ions or water molecules on already adsorbed hydrogen 
atoms:

H nO+ -f I-Iad, +  e =  If, -  H ,0  (IG.82)

for acidic solutions and

HzO -f II„d, +  e =  II20  -f O il- (10.83)
for alkaline solutions.

Kinetic equations corresponding to reactions (10.82) and (10.83) 
are of Ihe following form

i = i - i  = f e(a-i,fi,nr +  _

-  £/>h59 i5o (1 -  On) e<‘ 1 (10.8^)



and
i =  7  -  7  =  F e*iVH T\ic„t0Q„e-«r*:»T -

-  h n fo n -  (1 ~  Oh) (16.85)

T his mochiinism of hydrogen evolution is known ns the Heyrovsky- 
Horuiti mechanism.

1C.5. SUPERPOSITION OF CONCENTRATION 
POLARIZATION UPON ELECTROCHEMICAL 

OVERPOTENTIAL

It hns been thought un til now th a t the deviation of tho electrode 
po ten tia l from the equilibrium  value is wholly due to some single 
cause and the electrode polarization is quite  a definite type of over- 
po ten tia l. In real conditions it would be more correct to speak of 
the predominance of one type of overpotcntinl. Other types of 
overpolentia l are superimposed to a greater or lesser degree on the 
main overpo len tia l. More often than  not concentration polarization 
is superimposed on the electrochemical or phase overpolential. 
In  this case the departure of the po tential from the equilibrium  
value will be the sum of two or more types of overpolential; the 
activa tion  polarization itself also changes under concentration 
lim ita tio n s (as compared w ith s im ilar conditions—say. at the same 
cui-r. nl density , but in the absence of concentration polarization^.

If the general equation of electrochemical overpolential (16.67) 
is used, the equilibrium  values of coi and c r should in this cose 
be replaced by c'0x and cr. which have been changed as a result 
of the hindered transport step and correspond now to the given 
current density , i.e .,
i = 7  -  T =  zF e ^ -^K /R T  (fo^ -a .-fe /B T  _

— A-crc"  - “ >-Fe'n r) (16.86)

or. after m ultip ly ing  and dividing the first and second terms in 
parentheses by c0x and cn. respectively.

i / — / - : zfV"-' ~ )f’V" ̂  ^  _2l. CqjC “ “ 1 FtlRT — A CrC( 1 '  “ ): Ft-‘HT )
(16.87)

W hen e =  e r, then i =  i = i° and hence
j ; Y—T= i° ( t,a;f(n,.-riij) /ir _  Jj<_ i -a).-f(n(.-Hid) HT j (16.88)

where the electrode polarization is the sum of the electrochemical 
overpolential q„ and the transport overpolential q d, and i0' — 
— ,oe(a.--.-i)s;/nr D enoting q,. -- q,, =  q and recalling that accord-
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ing lo Eq. (14.29)

one can write, in place of Eq. (1G.88),
t = 7-7 = [ (1 -  -L) e -« ’W T - ( 1 + ±.) e<> -a)

Solving Eq. (16.89) for i yields the equation
,-a:FTi/nr _ (.(1 -a)iFn/ftr 

f f -arFll/nT | c(i -a)

A number of special cases emerge from Eq. (16.90). l’o 
if i°'t <  ci, and £0' <  „£,, then

(16.89)

(16.90)

sample,

i =  i»e la!-zon/RT (g-azFn/nr _  c( 1 -o).-Fn/n7)

which corresponds to the purely electrochemical overpot
1  =  7)..

If i0' ci, and £0' »  ai,t ci, 
Eq. (16.90) simplifies to

i'll smaller tliai

tial and 

it- then

£ =  (c'l — ci/e2f’,,/nr) =  ci, (1 — e"P"‘T) (16.91)
which corresponds to a purely diffusion overpotential and i, ,1(J.

I lie superposition of tile reaction and electrochemical ovrrpo- 
tcniiuls can be illustrated by considering the discharge of livdro- 
xonium ions according to scheme (16.78). In the derivation of 
Eq. (16.80). which determines the rate of this process, it was assumed 
that the slop at which the adsorbed hydrogen atoms are removed 
proceeds unhindered. If, however, this slop proceeds at a finite rate, 
then the coverage of the surface by adsorbed atoms at each current 
density value will differ from the equilibrium value, i.e.. 0 Oh. 
In this case one should write, in place of Eq. (16.80).

( = £ _ £  =  Fei*~ i w a r  (1 _  0J,) e-«Fe'/RT _

-  *c„5o0he(l -«)^e'/ar] (16.92)

Dividing and multiplying the first and second terms in parenthe
ses by I — 0H and 0 lr, respectively, and introducing the notation

i° = 7 c Hj0* +  (1 - 0 H) c - aFCr/nT =  Ac„,0 (1 - 0 „ )  ed-a)Fcr/nr
(16.93)

one can rewrite Eq. (16.80) in the form

£ =  io 'e ia - in v n r  e -aFn/nr__jj!L e< i-a >FTi/nrj ( 16.94)
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where t) =  T|,. qr, i.c., i] is the sum of the electrochemicnl and 
reaction ovcrpolenlials.

From Eqs. (16.92) and (16.94) it follows that the kinetics of elec
trode processes depends on the coverage of the surface hy hydrogen 
atoms.

16.G. MULTI STEP ELECTROCHEMICAL REACTIONS

It was assumed until now that the electrochemical reaction consists 
of only one step, i.c., that the z electrons participating in it are 
transferred all at once. This is valid only when z =  1, i.c., when 
only one electron is involved in the reaction. If z =  2, then two 
variants are possible: cither simultaneous transfer of both electrons, 
or a two-step electrochemical reaction, one electron being transferred 
at each step. When z >  2. the number of possible versions becomes 
still larger. For instance, if z =  3, all the three electrons may be 
transferred at one lime, which however is highly improbable. A more 
probable version is a sequence of one-election transfers, i.c.. a three- 
step reaction. Retardation at these steps may he different, and one 
of them, the slowest, will limit the rale of the overall electrode 
reaction.

The simplest example of such consecutive (i.e.. mullistop) electro
chemical reactions is a two-step act. when z =  2 and the overall 
electrode reaction consists of two one-electron transfers:

where M is a certain intermediate product. Each of these transfers 
occurs independently of the other. Though only one step is rale
determining. under stationary conditions all the transformations 
will proceed at the same rate and therefore the net current

where is the current corresponding to the rate-determining step. 
In the case under consideration

These two steps are described by the following kinetic equations, 
respectively,

Ox -f- e =  M 
M -r e =  R

(16.95a)
(16.95b)

f =  zij

and
i -  =  ib =  i l  ( f k .  e- * W * T  _  e<.
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where a refers to the first reaction slop (10.95a), and b to llie second 
step (10.955); cm is the concentration of the intermediate product, 
at an overpotcntial q. Solving these two equations simultaneously 
and eliminating the ratio eje*, one arrives at the following 
expression

e- (Oa~ai,)Fti/JtT_ <2- -a0)Fi\/HT
l ~ 2 J _ eU-aa)F,\/RT^J_ e-abFruitT (10.90)

It follows from Eq. (16.96) that when q <  0 (cathodic polariza
tion)

i =  2ile~a<'Fr'IRT (10.97)
and when q >  0 (anodic polarization)

i =  2i°6<>(1- a6' f ’)">*• (10.98)

It should be noted that for the same overall electrode reaction the 
number of electrons transferred at one time, the sequence of their 
transfer and also the retardation at each of these steps may change, 
depending on the electrolysis conditions, and primarily on the 
value of overpotential (current density). For example, according 
to Losev and coworkers the anodic dissolution of copper in the 
region of low polarizations lakes the form of a two-step electroche
mical reaction with the loss of one electron at each step

ICll] =  Cll+ -f- C[3Mj 
Cu+ =  Cu2+ -r e(M| 

the detachment of the second electron being the slowest step. At 
high anodic polarizations the dissolution of copper occurs in one 
step with the simultaneous loss of two electrons.

16.7. THE BASIC KINETIC CHARACTERISTICS 
OF THE ELECTROCHEMICAL STEP

16.7.1. EXCHANGE CURRENT AND TRANSFER 
COEFFICIENT

An analysis of kinetic equations describing the phenomenon 
of electrochemical overpotcntial shows that its most important, 
characteristics are the exchange current i° and the transfer coefficient a. 
For the same deviation of the electrode potential from the equilib
rium value the reaction rale (the net current density) will be the 
higher the greater the exchange current density. The latter depends 
in turn on the nature of the electrochemical reaction, the electrode 
material and the solution composition. The transfer coefficient.



Ch. 16. Electrochemical Overpotential 381

characterizes the cflecl of the electrical held of an electron on the 
activation energy of the electrochemical step and also determines 
the symmetry of the cathodic and anodic processes. It depends 
relatively little on the electrode material; usually a  is close to 0.5.

The values of i° and a  for a single-step electrochemical act can 
be found graphically (Fig. 16.2), by plotting q against log / in that

• i
I

I

Fig. I (i.2. Determining Tafcl constants a and b from a scmilogurillunic plot 
of overpotcnlial q against current density i at i| 0 or i| 0 and J -- <>

region of overpolentials (az/'-q >  RT) where either Kq. (16.30) 
(strong cathodic polarization) or Fq. (16.35) (strong anodic polari
zation) is satisfied, 'flic slope b of the q vs. log t straight line in 
Fig. 16.2 is equal to 2.3 RTIazF and hence

The exchange current f° can be determined f om the value of overpo- 
tenlial a at log i =  0 , i.e.. at unit current density

i0 =  10-<VX2F/2.3RT =  10-a /t (16.100)

Since Eqs. (16.30) and (16.35) lose their meaning at small current 
densities, it is expedient to utilize for the same purpose the more 
general expression (16.21) rewritten as follows

If the experimental data (qc nn(l *.i taken as negative and q„ 
and i c as positive) are presented in the In i/(l — c:FT,/nr) versus q 
coordinates, as shown in Fig. 16.3, then the slope of the straight 
line will be equal to azFIRT. and thus we can determine the transfer 
coefficient a , and the ordinate of the point where q =  0 will yield 
the value of In t°.

In the case of a two-step electrochemical act the transfer coein- 
cients a„ and on, and the exchange currents i°„ and ij can be found
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from the limiting equations (16.97) and (10.98) rewritteni in the form
, n r  , o.0 n r  , . 
1 =  7TT 112(2 — 7 7 -1,14 (16.102)

and
„ pt , o o , nr
1 ( l - a b) (1 — ai,) 1,1 ' (16. III.'!)

The graphical conslruclion of Ihe experimental data in the i| versi 
In i coordinates for the cathodic and anodic polarizations allows on

tig. 16.3. Grnphicnl determination of the exchange current density i° and trans
fer coefficient a by substituting experimental data into Eq'. (16. lull

to determine a„ and a,, from the slopes of the straight lines, and 
the exchange currents ia and i£ from the values of cathodic and 
anodic polarizations at t =  lA/cnr.

If the dependence of the exchange current on the concentration 
of the participants of the electrode reaction is known, the transfer 
coefficient can easily be determined by using Iiq. (16.18):

i° = iV ox'a)cn 
or, after taking logarithms,

In t° =  In ij( +  (1 — a) In c0i  +  a  In cn
The slope of the In i° vs. In cox line at constant cu is equal to 
1 — a:

/ d Imp \
* d In cqx Jcr (16.10'i)
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and the slope of the In i° vs. In c„ line nt conslnnt c01 is equal to *: 

(— JJ-),Qi=-a (16.105)

The relationship between the exchange currents and the activity 
of the reactants involved was first examined by Esin (1040).

These procedures for finding the basic kinetic characteristics of the 
electrochemical act yield correct results only when the £ potential 
and its variation with overpolcnlial may he ignored, i.e., when the 
conditions formulated at the beginning of this chapter (see p. 362) 
arc fulfilled. Otherwise, the electrochemical ovcrpotcnlial is des
cribed by Eq. (16.67):

i ^ 7 - 7 -  (/ccuxe - a*f'c!RT— kci\et 1
or by Eq. (16.68)

( = 7 —T-= itnm r (e-a :r ., //ir_ e(i-o)ifn/Rr)

In this ease the construction of Talel s relations or relations of the 
type (16.101) will yield only the apparent value of transfer coef
ficient since the £ potential is a function of q. To determine the true 
value of k one can utilize Eq. (16.68) by rewriting it in the form

ziFUHT
i ^  :>.||/>n. =  ,oc««F/nrH;-n> (16.106)

or, after taking logarithms,

ln * = +

If the left-hand side of Eq. (16.107) is plotted against (C — q) or 
(£ — r). the slope of the resulting straight line will he equal to 
azF. jRT. making it possible to lind the value of a. For the cathodic 
region Eq. (16.106) simplifies to

(enFy/tr — jOgtaiF/nrHc-ii) (16.108)

and for the anodic region it takes the form
ielF/RI)U it-nD =  jOjUrf/HriC-l,) (16.109)

The true value of transfer coefficient can also be determined by using 
the last two equations. 'Ibis method of plotting polarization curves 
and determining the values of a  and i° was proposed by Delahay 
and coworkers; it has been checked on a number of electrochemical 
reactions. The method presupposes the possibility of calculating £ 
(which is identified with the potential drop in the OHP (outer 
Helmholtz plane) referred to the potential in the bulk of the solu-
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lion, which is taken as zero! on the basis of llio double-layer theory 
by using data pertaining to equilibrium conditions. I t is assumed 
that the passage of a current does not essentially affect the double- 
layer structure. In Delahay’s opinion this assumption is sufficiently 
accurate up to very high current densities.

16.7.2. THE ORDER OF ELECTROCHEMICAL REACTIONS.
STOICHIOMETRIC NUMBERS

Other two important characteristics of electrochemical reactions 
are their order and stoichiometric number. The order of an electro
chemical reaction, v h a s  here the same physical meaning as in the 
kinetics of chemical reactions, though in this case, apart from the 
usual parameters—temperature and pressure, vj is also a function 
of electrode potential. The order of an electrochemical reaction in 
respect to any species of particles, vj, can be found by studying the 
dependence of the current density on the concentration of a given 
species provided the concentration of all other species, temperature, 
pressure and electrode potential are constant:

( ■ ^ r )  c. t , p,e =  (16.110)

Equation (16.110) is a direct consequence of general kinetic equa
tions, the differentiation of which with respect to the concentration 
of the given species yields the order of the cathodic or anodic reaction 
for this species.

The use of the order of an electrochemical reaction to solve one 
of the key problems of electrode kinetics—the establishment of the 
path of a given reaction—can be illustrated by the reduction of 
iodine to iodide ions.

In a solution containing iodide ions I ~ and iodine molecules U 
complex anions I j  are formed, which are reduced in accordance 
with the overall equation

l~, +  2e =  31- (16.111)
If the reaction ̂ proceeded according to the scheme (16.111), the 
kinetic equation would have the form

i = IF  (fa:l. ea2/.e/f i r _ f c3_e(l-a)2f e/nT) (16.112)

The order of the cathodic reaction in this case would bo as follows:
(1) with respect to I j  particles
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(2) with res peel lo iodide ions I'

(3) wilh respect lo I2 molecules

For I lie anodic reaction one would have accordingly:
vjj(a =  °! vi-«0 =  3; vIj(a) =  0

Experiments have shown however that the order of the cathodic 
reaction is

and that of the anodic reaction

via-(a) =  °; vi-<°> =  'fc o  =  0
-j'he scheme of reduction of iodine to iodide that corresponds to 

experimental reaction orders may be made up of the following

S' CPS: 1. 13 =  I2 +  I -
2 . I* =  I +  I
3. 2(1 + e =  I-)

The slov step is step 3. I t  is described by the kinetic equation

i =  2F(k3cle - W * T _

H„l. according to the equation for step 2 

*2  =  -—- and Ci = (k zc jj'2 

and according to the equation for step 1

Kt = - ^ r 1  and cx
it * V

and, consequently,
ci =  {KlK j '* e'g c i '1'

from which
t =  2F [A, (K lK»)'l'c £ c \ l'e-«?‘!KT __

i„ conformity with experimental data.

(16.113)

25-0303
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The sloichiomelric number, v„ as defined by Moruili (ill.'il)) indica

tes bow many limes the elementary act, which determines the rate 
of the overall electrode reaction, must occur for the end product 
to be formed. Thus, if the net charge transferred during the electro
de reaction is equal to z. then a charge equal to z'vs will be tra n s
ferred in a once-occurring rds (rale-determining step). 1‘or small 
deviations from equilibrium, at any step, the forward and reverse 
courso of which is associated with an exponential factor containing 
the activation energy, an equation similar to Kq. (l(».2-,i) is valid:

If the stoichiometric number is v3, Eq. (Hi.21) should be rewritten 
in the form

or, after solving for v.„

v*= — *°~irr’ ~ (4f),..0
To determine the stoichiometric number from Eq. (10.115) it is 
necessary to measure ovcrpolcnlials near the equilibrium potential 
of a given reaction. As pointed out by Parsons (1055), the stoichio
metric number can also be found by using the equation

where b° — 2.3 R T /F  and b„ and bc are the slopes of Tafcl straight 
lines for the anodic and cathodic directions of the reaction.

10.8. THE POSSIBILITY OF PARTICIPATION 
OF SOLVATED ELECTRONS 

IN AN ELECTROCHEMICAL ACT 

Tho equations describing the electrochemical ovcrpolenlial have 
been derived under the assumption that the elementary electroche
mical act involves metal electrons e[M). I t  would therefore be more 
correct to write the model equation

Ox -- ze =  n
in tho form

Ox -i-ze[M] =  R (1G.117)
Another mechanism is also possible in principle, according to 

which the first step is the formation of a solvated electron:

e[M) +  L =  e . (16.118)
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and I ho reduction reaction i:

Ox +  ze, =  R +  L (16.119)
The possible participation of solvated electrons in electrochemical 

reactions was first indicated by Antropov in 19G6 and also by Walker 
and I fills and Kinnibrugli.

The existence of solvated electrons is not questioned any longer. 
1 liey are very stablo in liquid ammonia but much less stable in 
amines, alcohols, and in aqueous solutions. Their role in electrode 
kinetics and also in corrosion phenomena remains still obscure 
and is the subject of discussion. Some questions associated with 
the behaviour of solvated electrons in electrochemical processes will 
be dwelled upon further in connection with the kinetics of concrete 
electrode reactions.



CHAPTER 17 

Some Methods of Investigating 
Electrode Kinetics

17.1. THE POLARIZATION CURVE METHOD

An exposition, even a brief one, of all methods employed at present 
for studying the kinetics of electrode processes is outside the scope 
of a textbook on theoretical electrochemistry. This is rather the 
concern of books on instrumental electrochemistry (the render is 
referred to the literature at the end of the book). Here we will only- 
present the minimum information without the knowledge of which 
certain problems of theoretical electrochemistry may not be under
stood.

The basic method of investigating the kinetics of electrochemical 
reactions is the plotting of curves relating electrode potential to 
current density. Such curves are usually called current-poienlial 
or polarization curves. Analysis of the shape of polarization curves 
and study of their dependence on the solution composition, tempera
ture and other physicochemical parameters enables one to obtain 
sufficiently detailed information about the nature of a particular 
electrode process. Polarization curves are most frequently plotted 
by the direct compensation method. In this method, a constant current 
is applied to the electrode under study (the so-called working or 
test electrode), and the stationary or steady-state potential is measu
red (more precisely, the potential difference between the test and 
reference electrodes). In these measurements (Fig. 17.1) the ohmic 
voltage drop at the contact (ceohm), in the current-supplying conduc
tor (up to the point where the compensation and polarizing circuits 
separate, ieoftnl), in the electrode itself (2e0/im), and in the electro
lyte layer between the electrode and the Luggin capillary tip 
is included in the measured potential.

The ohmic voltage drop in metallic conductors is usually small 
and can bo either reduced to the desired value (by increasing the 
cross section of the conductor, reducing its length, etc.) or found 
by direct measurements and calculations and taken into account. 
The voltage drop in the electrolyte (due to the resistance of the 
solution) is more difficult to take into account and it may constitute 
a noticeable fraction of the value being measured. Kabanov proposed 
formulas which can be used to calculate the approximate magnitude 
of the ohmic voltage drop, provided the geometry of the electrode, 
the method of setting up the Luggin capillary, and the specific
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conductivity of the solution are known. Owing to the finite rale 
of ion transport the electrolyte layer in the immediate vicinity of the 
electrode has a composition different from that of the original solu
tion Besides, it changes with current density. All this and also 
the uncertainty of the specific conductivity value makes calculations 
difficult It is therefore recommended that the distance between 
the Luggin tip and the test electrode be minimized, thereby reducing 
the possible ohmic drop in the solulion.lt should be remembered, 
however, that part of the electrode surface may be shielded by the

Fic i 7.1. Schematic representation of possible ohmic potential drops included 
i;, the electrode potential measured by the direct compensation method

Liurcin capillary tip. The current density on the portion of the 
electrode surface under the capillary tip may be lower than its 
mean value on the electrode, and this will distort the results of 
measurement. This undesirable effect can be avoided or, at least, 
reduced to a minimum by using special types of Luggin capillaries. 
Even when all the necessary precautions are taken, the ohmic poten
tial drop will still be included in the value measured by the direct 
compensation method after a poorly conducting layer consisting 
of reaction products is formed on the electrode surface.

It was once thought that the deviation of the potential under an 
applied current was always caused by the potential drop in a cer
tain hypothetical transition layer. The desire to check the validity 
of this'assumption led to the development of an indirect or commuta
tor method, in which the electrode potential is measured a short 
lime after the interruption of the polarizing current. The results 
of the measurements carried out by Newberry in 1914-16, who used 
the commutator method, were in sharp discord with those obtained 
by the direct compensation method under similar conditions. The 
polarization values were found to be lower, ns a rule, and even the
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character of the current-potential dependence was different someti
mes. The use of electronic circuits in the commutator method has 
made it possiblo to reduce the time interval between the interrup
tion of the current and the measurement of potential and to carry 
out measurements at different times after the interruption. If data 
obtained at different times are extrapolated to t =  0 . as was done 
for example, by Glasstone (1924) and Ilickling (1941), then both 
methods yield consistent results within the experimental error. 
It has thus been proved that both the direct and the commutator 
method can be used to plot polarization curves. The coincidence 
of the results provided by the two methods indicates also that there 
is not any special intermediate resistance and that polarization 
phenomena are kinetic in nature.

The existence of an ohmic voltage drop which causes, like any 
type of polarization, a deviation of the electrode potential from 
the equilibrium or stationary (open-circuit) value, led to the intro
duction of the concept of ohmic or resistance polarization. This quan
tity however is not associated, with a few exceptions (such as the 
change of the composition near the electrode due to concentration 
polarization), with the kinetics of electrode processes and should 
not therefore be regarded as a special type of overpolonlial.

In tracing polarization curves, fluctuations of the potential with 
time are observed, which occasionally result in a spontaneous change 
of the applied current. Such fluctuations of potential and current 
aro especially noticeable in the region of limiting currents. The
refore, apart from ordinary methods of obtaining current-potential 
curves, over increasing use is made of the so-called potentioslatic 
and galvanostalic methods. In the first method, the potential of the 
lest electrode is adjusted to a specified value, which can he kept 
constant for a long time by means of a special electric circuit. The 
current corresponding to the given potential is registered up to the 
moment when the constant potential is set up. A series of such 
measurements yields a potentiostatic i vs. e curve. In the galvanostalic 
method, the current is kept constant and the variation of the poten
tial is moasured as a function of lime until it attains a constant 
value. The relation between i and e obtained is called the galvanosta
tic curve. The combined use of these methods enables a more detailed 
study of the behaviour of electrochemical systems.

17.2. OTHER METHODS OF INVESTIGATION

When a current is applied to a cell and also when it is reduced 
or increased, the corresponding electrochemical changes occur not 
instantaneously but at a finite rate. A study of the process of establish
ment of the potential in lime (poicntial-limc curves) on application 
of a current (chnrging curves) or after switching off the current feur-
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rciiI-decay curves) may provide addilional information on the kine
tics of electrode reactions. For the same purpose curves arc plotted 
which show the variation of current with lime (/ versus I) at different 
potentials. Of greater importance in this connection are methods 
using current pulses. , .

WJicii no electrochemical reaction takes place at the electrode- 
electrolyte interface, the whole quantity of electricity passed is 
spent on charging the double layer, resulting in a corresponding 
change in the potential. An electrical analogue of such an electrode, 
which was defined earlier as ideally polarizable, is a parallel-plate 
condenser. Because of the electrochemical reaction not all the qiinn- 
t j tv of electricity is expended on charging the double layer; part 
of it passes through the electrode-electrolyte interface. Here a circuit 
consisting of a capacity and a parallel-connected resistance may he 
taken as'an electrical analogue. The capacity of the condenser cor
responds to that of the electric double layer, and the resistance (under 
certain conditions) may he regarded as the inverse of the rale of an 
electrochemical reaction. A study of the dependence of the capacity 
of the double layer and its electrical resistance on potential with 
the aid of suitable alternating-current circuits is another effective 
method of investigating the kinetics of electrochemical reactions. 
This method was developed by Dolin, Fruinkin and Frshlcr (Itl-iO). 
From data on the double-layer capacity inferences can be drawn as to 
the slate of the electrode surface and the nature of the adsorption 
of various substances on the electrode.

Si ill another effective method was developed by Lcvich el al. 
It is based on the use of a rolating-disc electrode and enables one 
to tl '• I it mi lie the role of transport, discharge and chemical transfor
mation steps in the overall electrode reaction.

Frnmkin and Nekrasov proposed a combination of a disc electrode 
am! a ring electrode enclosing it. The electrodes arc mechanically 
connected, forming an assembly, which is rotated about its axis. 
But they are isolated electrically. Owing to this construction the 
electrodes can he polarized independently from an external current 
source so that one electrode becomes the anode and the other the 
cathode. The tracing of a polarization curve for the ring electrode 
permits one to identify qualitatively the reaction products formed 
on the disc electrode. This method has made it possible, for example, 
to investigate the reduction of oxygen and to determine the amount 
of hvdrogen peroxide formed in this process.

As shown by the equations of the slow-discharge theory, the 
basic parameters determining the kinetics of an electrochemical 
reaction are the transfer coefficient a and the exchange current I  . 
Determination of llieso parameters is therefore very important. 
In this connection mention should be made of a method for calculul- 
ing a  and 7° based on the redox-kinetic effect.
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Ihe redox-kinetic effect (known as jaradaic rectification) was 
discovered by Doss, an Indian scientist, in 1950 and later subjected 
to a detailed study by Doss and his coworkers and also bv other 
scientists. This effect consists in the following. When an alternating 
current is applied to the electrode, the latter's potential is shifted 
by a certain amount one way or the other, t his departure of the 
electrode potential is called the redox-kinetic potential i|>. The rcla- 
tion between the redox-kinetic potential t|> and the kinetic parameters 
a  and 1 can be derived, to a certain approximation, from Eq. (16 21) 
If an alternating current is imposed on an electrode which is in equi
librium with the corresponding ions in solution, the electrode will 
be polarized calhodicnlly during the cathodic half-period; the rela
tion between q and t (provided that the rds is the discharge step) 
will bo expressed through Eq. (16.30):

Similarly, for (he anodic half-period one has according to Eq. (16.35):

,7 nT i V
1 (1 — a) zF 11 io

When the potential is shifted sufficiently far away from equilibrium.

i £ i -  n  i =  111
and llio difference |i) | -  |q  | corresponds, by definition, to the redox- 
kinetic potential, i.e.,

’I > = h | - h | =  (— In — (17.1)

From the last expression it follows that if a  =  0.5, then T =  0- 
If a  is different from 0.5, the value of V is no longer equal lo zero, 
and llio moro a  departs from 0.5, the higher wilf he the absolute 
value of the redox-kinetic potential. If the value of a is determined 
by another method, the redox-kinetic potential can he used for 
evaluating the exchange current.

The faradaic rectification effect lies at the basis of one of the modi
fication of the polarographic method of analvsis (radiowave pola- 
rography).

The kinetics of electrochemical processes is studied not only by 
electrical methods. For example, radioactive isotopes are used to 
determine exchange currents and lo investigate the adsorption on 
electrodes. A number of methods have been devised and applied 
in studying the kinetics of particular electrochemical reactions. 
For instance, thin metal membranes are usod to study the diffusion 
of cleclrolytically formed hydrogen into the bulk of the oleclrode
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and lo establish the relation between this process and the transfer 
of the potential lo the non-polarizable side of the membrane. By 
studying the temperature dependence of the rale of electrochemical 
reactions one can understand better the nature of these reactions. 
The rale constant of a chemical reaction, i.e., the reaction rate 
at unit concentrations of reactants is related to temperature by the 
Arrhenius equation:

In k = B — £ r  (17.2)

where it =  energy of activation
U = a temperature-invariant constant depending on the 

reaction type.
The temperature coefficient of the rale constant

d i n k  u
dT ~  im (17.3)

is thus determined by the energy of activation.
For electrochemical reactions the rate constant k may be replacod 

by an equivalent quantity—the current /  or current density i. 
A more substitution of the current I  for the rate constant however 
does not yet render Eq. (17.3) applicable lo electrochemical reactions 
because the activation energy of these reactions is dependent on the 
electrode potential (Tcmkin, 1948). With changing electrode poten
tial the activation energy of the same electrochemical reaction 
at given concentrations of reacting substances may vary within 
wide limits. Therefore, a comparison of the rates of on electroche
mical reaction at different temperatures makes sense only when the 
electrode potential remains constant. Thus, for electrochemical 
reactions Eq. (17.3) should be rewritten in the form:

whore ue is the energy of activation at a given potential e. Since 
the condition for the constancy of the electrodo potential at diffe
rent temperatures is unfeasible, measurements are carried out with 
the overpolenliol q being kept constant:

Equation (17.2) rewritten for electrochemical reactions has the form

In = . (17.6)
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In contrast lo the nclivnlion energy uc at constant potential, the 
activation energy at constant ovcrpolcntinl is called the effective 
activation energy.

The applicability of liqs. (17.5) and (I7.U) lo electrochemical 
reactions was proved by Gorbachev and coworkers (195U). They 
showed that on the basis of the activation energy un and its depen
dence on polarization q one can draw inferences as to the nature 
of polarization. For example, if the activation energy is close to 
3 kcal.mole and is almost independent of overpolential. the appea
rance of an overpotenlial should most probably be ascribed lo the 
slow occurrence of diffusion. Conversely, if the activation energy 
is high (about 10 kcal/niolc or higher) and decreases noticeably with 
overpolential, this is indicative of the chemical nature of the over
potential. The Gorbachev method of studying kinetically electro
chemical processes, which is based on the determination of the 
activation energy and its dependence on various factors, is termed 
the temperature-kinetic method. This method finds ever increasing 
use for investigating the kinetics of the electrodeposition ami electro” 
dissolution of metals.

17.3. PREPARATION OF SOLUTIONS 
AND ELECTRODES FOR ELECTROCHEMICAL STUDIES 

The high response of the electrode potential during the passage 
of a current to changes in the solution composition, particularly 
to the presence even of negligible amounts of surface-active sub
stances and catalytic poisons calls for special care in preparing 
solutions and electrodes for studies of electrochemical kinetics. 
This circumstance was overlooked in early works and many old 
data on chemical polarization cannot therefore be trusted.

A procedure for hydrogen evolution on mercury providing reliable 
polarization data was developed by Frumkin’s school (I'.ll'w). It 
involves removal of gases from solutions, preliminary electrolysis 
of the latter and also special preparation of the electrode surface. 
The purity of solutions is important not only in the cathodic evolu
tion of hydrogen but also in the elcclrodeposilion of metals, I’urily 
requirements in clcctrodeposilion of metals which ensure obtaining 
reliable data were recommended by Vagramyan. A special procedure 
for preparing solutions and electrodes was employed by Antropov 
and Mizgircva in studying the kinetics of the electrochemical reduc
tion and oxidation of inorganic and organic substances. Later 
Bockris formulated some general rules for making solutions of 
required purity.



CHAPTER 18 
Polarography 

Kinelic regularities speclir1C: for cleclroc:hemiul reaelions eon
stilull:' the basis of one of the naost perfect and unh·ersal motlaods 
of rcseom~ll and chemical 11nalysis called tbe polDTOf"Gphle lfttltlrod 
or polarogTt&phy. The name polarography reOecls Us c]OS(' relolion 
to polarization phenomena observed in eleci.J'olyl!ls. This lechnique 
was introduced by !.he Czechoslovak electrochemist larosJa\'" Heyrev
sky1l in 1922. Three yean later Heyrovsky and Sehicnta designed 
an nppurlllus, known as the polarograph, for automatic: polarographic 
analysis. 

The Jlolnrographic method pro\·ed to be so promising and inlerost
ing lh;,l it left behind older electrochemical methods ~neb as ron
dur.tumetry, potcnUometry and eleetroannlysi~. 

18.1. CLASSICAL POLAROGRAPHY 

Thc chemical analysis oi nsolulion in JIOlarograJiliy is currier! oul 
with the aid of current-potential cur,·ea. Tlle..oe CUI'\'es 11re trncud 
by ''~ing n special cell including n dropping-moreur~· electrode and 
nny IJI"ucticnlly non-polari:r.nblo electrode, most frequently mert11ry. 
The h1\ler is placed ftL lhe bottom of the cell; it has a large ~urfaoo 
aren ·'" compared with tile mercury drOJI. Since the current Dowing 
through tho polarographic cell is small (about 10-• A) nnd tho cell 
l'e.!;i~lnncc is low, the ohmic Jlotenlial drop is negligible. The current 
den~ily nt the macroeleetrodo is also small owing to the !urge s.urlnce 
area nnd causes no perceplible change in the electrode potential. At 
the "''me time the surface area of tl1e drop does not exceed 0.1 cm1 

nnd therefore tho current density here is hundreds of liwl'll higber 
and IIIII)' cause ils potential to deviate cousiderabl~· from the equi
libi•inm Htlue. In fact, tho buildup (or drop) of the \'oltng~> ncroM~ 
the I'OI;n·ogrnphic cell with current should be wholly !l~cribed to the 
clwuge in the JlOtontial oi the dropping-mercury cl~trod~. 

The polarographic setup is shov;n scllemalicall~· 111 Ftg. H!.i. 
In JlOinrographic experiments, lhe potential aptlliod PCI'05S tho cell 

~rovllr.ywaso.w.ni!dlhtNobelprizoint959forlblscontrlbullonlo 
elect.rocbcmiao.l mel.bocl .. -1'r, 
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is varied and the current is measured as a function of this potential, 
i.e., current-potential curves or curves of current versus the potential 
of the dropping-mercury electrode are plotted. The potential can be 
varied by means of a potentiometer and the current is measured 
with a microammeter (so-called visual polarography). For analytical 
purposes it is more convenient to use automatic polarography: a po
tential varied in a predetermined manner is continuously applied 
across the cell and the corresponding variations in the current are 

automatically recorded either 
on photographic paper by a light 
beam from a mirror galvanome
ter or on ordinary paper by me
ans of a pen recorder.

If the solution contains only 
one species of particles capable 
of undergoing reduction at the 
mercury electrode at a certain 
potential, the resulting curve 
will have the shape shown in 
Fig. 18.2. If several species of 
particles reducible at different 
potentials are present in the so
lution, a curve of the form shown 
in Fig. 18.3 is obtained. Such 
curves are called poiarograms 

and a section corresponding to the reduction of a definite species 
is known as the polarographic wave (or step).

Qualitative polarographic analysis is based on determination 
of half-wave potentials (the potentials corresponding to inflection 
points on polarographic waves, where the current is half the limit
ing current) and on their comparison with the known half-wave 
potentials of various substances. Quantitative polarographic analy
sis is based on the measurement of wave heights corresponding to 
diffusion limiting currents of reduction.

The polarographic wave equation for the reduction of the ions 
of a metal soluble in mercury can be deduced as follows. According 
to Eq. (7.57) the equilibrium potential of an amalgam electrode 
is determined by the ratio of the ionic activity of a metal in the 
solution to the activity of its atoms in the amalgam:

Fig. 18.1. Polarographic setup

In polarographic measurements, use is made of solutions diluted 
with respect to the ions being determined and corresponding dilute 
amalgams are produced at the cathode, and therefore in Eq. (7.57)



Typical polnrournphic corrcHpoiuUna \

Fig. 18 .3 . Polatogram
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the activities may be replaced by the concentrations:

(l'S.l>

An amalgam is formed when the metal ions arc discharged at the 
surface of the mercury drop. The concentration of the amalgam 
must therefore be proportional to the current:

c.M(iis> =  * '/  (18.2)

In polarographic analysis, the concentration of a given substance 
is always determined in a solution containing an excess of an indi
fferent substance, which is termed the background or supporting 
electrolyte. The background electrolyte suppresses the migration 
of the ions to be determined, these ions being transported to the 
surface of the mercury drop exclusively by diffusion. Under these 
conditions the limiting current I d (the maximum diffusion current) 
is proportional to the concentration of the reducible substance in the 
solution:

Id =  *'Cyr+ (18.3)

and corresponds to complete depiction of the solution in ions to be 
determined near tho drop surface, i.c.. cM,+. =  0 .

At any current I  lower Ilian I,, the concentration of metal ions 
is different from zero and corresponds^to the value c,,,-. which 
determines, according to Eq. (18.1), the electrode potential. Under 
lhese conditions the diffusion current is equal to

1 =  -  *„»)
Using Eq. (18.3), one can rewrite the last expression in the following 
form

I  =  I d -  k’cM2.
whence

e„.. =  p - ( / d - / )  (18.4)

Substituting the values of cM(Hg) and eMt* from Eqs. (18.2) and
(18.4) into Eq. (18.1), one has

e =  e0_ - ^ l n * ' r - i l l n 7 ^  (18.5)
If

r = - r"
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e1 — — - In k'k” = e,

where ei,-.. is the half-wave ))olenlinl determined by the nature of 
discharging ions hut not by their concentration, lijion .substituting 
the value of the half-wave |iolenlial Eq. (18.<>) simplifies to

(18.fi)

Kqualion (18.0). derived by Ilcyrovsky and llkovic in 1933. 
is the basic equation of the polarographie wave. Jt is applicable not 
only to the discharge of the ions of metals soluble in mercury hut 
also to many other electrode processes, particularly reduction- 
oxidation reactions.

Tor reactions involving noticeable chemical polarization the slope 
of the r vs. In (///,/ — I) straight line is usually greater than the 
quantity IlTizF. This can he taken care of by introducing a factor 
l a  into F.q. (18.0), it being assumed that 0 <  a <  1.

Kqualion (18.0) shows that at I = Ip the electrode potential 
tends to an infinitely large negative value and under these conditions 
an almost horizontal plateau would he expected to appear on the 
I vs. e curve, corresponding to a sharp change in the potential at 
a small variation of the current (sec Fig. 18.2). In reality, the poten
tial is displaced to a value at which the next electrode process is 
possible and a second, third, etc., polarographie wave may appear 
(see Fig. 18.3). The quantity Ip. governing the shape of a polaro- 
graphic wave and related to the concentration of the reducible 
.substance by the expression (18.3). is the so-called mean diffusion 
limiting current. When a dropping-mercury electrode is used, the 
diffusion current changes periodically because the surface area 
of the drop grows continuously during its formation from a very 
small value (at the moment immediately following the release 
of the previous drop) up to a certain maximum value (at the moment 
just before the expanding drop falls off). This change of the instan
taneous current Ip during the growth of a mercury drop is shown 
in Fig. 18.\ .  The instantaneous current Ip and the mean current Ip 
can he calculated by the llkovic equations:

and
Ip =  706zcA|/-‘m’,V /« (18.7)

Ip =  eoezcA'/vn’/n 1/, (18.8)
Equations (18.7) and (18.8) determine the instantaneous current Ip 
and the mean current Ip in microamperes if the quantities contained 
in them are expressed in the following units: the Faraday number F 
in coulombs (this quantity has bcon included in the numerical
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factors); the concentration c of the reducible substance or ion 
expressed in mmole/litre; the diffusion coefficient A in cur-sec-1; 
the rate of mercury flow m in mg-scc"1; the drop-time or the lifetime 
of a single drop, t,  in seconds.

Equation (18.8) could be used as a basis for calculating the con
centration of the unknown substance from the limiting current I d 
on the polarogram and the product previously found for
the capillary if the diffusion coefficients A were known with suffi
cient accuracy. The values of diffusion coefficients however cannot

Fig. 18.4. Variation of current during llio formalio 
n mercury drop:

, growth and of

be considered reliable; besides, they depend on the overall composi
tion of the solution and therefore in quantitative analysis resort is 
made to special procedures, which are also based on I lie llkovic 
equation. For example, according to one of the methods polarograins 
arc taken for a scries of solutions containing the same amount of the 
background electrolyte but different amounts of the substance to 
be analysed. The calibration c vs. I d curve obtained from these data 
is then used to determine the concentration c from the measured 
current I d. In another variant, a polarogram is prepared for the 
lest solution and I d is determined, after which a fresh portion of the 
solution containing a definite amount of the substance to he analysed 
is introduced into the cell and a new polarogram is taken. 1 lie amount 
of the substance in the original sample is found from the known 
volumo of the solution by comparing tho currents. And, finally, 
whore a series of tests of the same substance is to be made, standard 
solutions containing a known amount of the substance to be analy
sed are used, and the concentration of this substance in tho test 
sample is found by comparing the limiting currents in the sample 
and in the standard solution.



401C7i. IH. Po aphy

The polarogrnphic method is particularly convenient for determi
ning the content of metals in alloys, for analysis of minerals and 
ores, and for delecting metal impurities in various preparations. It is 
also used for quantitative determination of many organic substances 
capable of undergoing reduction or oxidation and of oxygen in 
technical gases, etc. The error in polarogrnphic analysis of various 
substances does not exceed 2-5 per cent if their content in tlie sample 
ranges from 10'- to 1 0 -  mole/litrc. In some cases the sensitivity 
of the polarogrnphic method is still higher. For example, platinum 
salts, cysteine, cystine and other organic compounds containing 
—SH and —N II2groupscnn bedelecled and determined quantitatively 
even when their concentrations are as low as 1 0 '6 to 10"' molc/lilre. 
In the presence of platinum the hydrogen wave starts at more posi
tive potentials and its height increases with platinum concentration 
in the solution. These effects arc probably associated with the fact 
that the evolution of hydrogen proceeds much more rcudily on pin- 
(inum IJiaii on mercury. The increased sensitivity of the method 
in the presence of compounds containing —SH and — M I2 groups 
should he attributed to their catalytic effect on the process of hydro
gen evolution. In this case the hydrogen wave originates at higher 
than usual positive potentials and has a greater height.

The 0fleet observed in the presence of organic substances is explai
ned on the basis of the Bronsled theory, assuming an equilibrium 
in solutions of these substances:

B +  r i30 + =  BH+ +  H20 (18.9)
where B i~ the basic and BH* its conjugate acidic form of the organic 
substance. Die acid BH+ is discharged at the mercury drop to pro
duce an uncharged complex BH:

BII+ -j- e = BII (18.10)

which then decomposes with liberation of hydrogen and recovery 
of the original substance:

2BFI =  2B +  Ii, (18.11)
All these reactions proceed at a higher rale than the direct evolu
tion of hvdrogcn.

Polarography is also employed to investigate various physico
chemical phenomena. Polarograms can yield information about the 
type of reducible ions in solutions, the composition and stability 
of complexes, the number of electrons participating in the reduction 
reaction; they are used to study the kinetics of electrochemical 
transformations and. in particular, to find out the number of steps 
involved in electrochemical reactions. In all cases where reactions 
of eleclrorcduction are studied it is advisable to use a dropping- 
mercury electrode. It is precisely in reduction reactions that, the
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adynntuges of Ihe DME are revealed lo llie full: surface purity 
owing lo the continuously renewed surface of the mercury drop; 
a wide range or negative potentials duo lo the high hydrogen over- 
potential at the mercury cathode, which makes it possible to carry 
out almost any reduction reaction; high reproducibility of Ihe 
results obtained, etc. At the same time mercury is not quite suited 
for studying oxidation reactions and for analysis of anions because 
of the low oxygen overpolential and the possibility of its oxidation. 
That is why. apart from dropping-mercury cathodes, solid microclecl- 
rodes are also used in polarography. The best material for solid 
microclcctrodes is platinum, which possesses high chemical stability, 
sufficiently high oxygen overpolential and good mechanical proper
ties. Platinum microclcctrodes find use not only in Ihe study of 
oxidation processes but also in the polarographic analysis of fused 
salts (Delimarsky). Polarographic analysis with solid microelectro
des is conducted in the same way as with the dropping-mercury 
electrode. Steady-state diffusion is achieved in this case by using 
rotating or vibrating electrodes, by stirring the solution, etc. The 
renewal of the electrode surface and removal of reaction products 
from it is accomplished cither mechanically or through electroche
mical dissolution. Rut even when all these 'measures are taken, the 
accuracy and reproducibility inherent in dropping-mercury electro
des cannot he achieved. For this reason polarographv -.villi solid 
cathodes has limited use and is resorted lo only in cases where the. 
use of dropping-mercury electrodes is impossible

Much attention has recently been paid to amalgam polarography 
in which dillitc amalgams of some metals are used insteao 01 mercury. 
It has a number of advantages over true polarographv in studies 
of diffusion and complex-formation and in determinations of exchan
ge currents. The procedure of amalgam polarographv enables Ihe 
qualitative identification not only of the complex predominating 
in the solution but also of the complex directly participating in Ihe 
discharge process (St rum berg).

18.2. AMPEROMETRIC TITRATIONS

The existence of a simple relationship between the concentration 
of a substance and its polarographic current was used for developing 
a sensitive and convenient analytical technique called Ihe nmpero- 
melric titration In this method, the diffusion limiting current serves 11

11 The term amperometric titrations was introduced by Kollhotl and coworkers 
(1039). This name is used extensively in polarographic literature. Other terms 
for this method arc also known. For example. Majer (1030) coined the term 

since the current passing through the polarized electrode 
■ suggested by Lange is limiting current titrations because 

the limiting
is measured. The n
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as an indicator. A change in the concentration of the substance 
to he determined (this substance is transformed in the course of 
titration into a form incapable of being polarographicaily reduced) 
is immediately reflected in the value of the limiting current. By 
measuring the current (at a constant potential of the dropping- 
mercury electrode in the region of limiting current) after each addi
tion of the titrant and plotting the limiting current as a function 
of the volume of reagent added, umpero/nelric curves are obtained.

(o> lb) (c)
Fig. 18.5. Ampcromclrii; lilrulion curves

Some l epical curves are shown in Fig. 18.5. Curve a corresponds 
to the c ise when the substance to be determined is polarographicaily 
active end the reagent used in titrations gives no polarographic wave. 
Curve b is obtained when both the substance to be determined and 
the reagent added arc capable of giving a polarographic wave. Curve c 
refers to a polarographicaily inactive substance titrated by a solution 
of a reagent giving rise to a diffusion current. Of particular interest 
is curve c. which shows that amperomclric titrations can be used 
to determine substances that do not lend themselves to ordinary 
polarographic methods. Thus, the possibilities of amperometric 
titrations are wider from the analytical point of view as compared 
with true polarography. Moreover, if ensures greater accuracy and 
permits using solid microelectrodes.

18.3. POLAROGRAPIIIC MAXIMA 

Polarogrnms are often more intricate than those shown in Fig. 18.3. 
If no special precautions are taken, sharply defined peaks or 
humps, called polarographic maxima, may appear on polarogrnms 
(Fig. 18.6). Tho appearance of maxima interferes with analysis 
by distorting the shape of the wave and hampering the determina
tion of wave heights.

Hcyrovsky ascribes the occurrence of maxima to adsorption 
phenomena. lie noticed that there are usually no maxima in the

26*



immediate vicinity of the zero-charge potential ami suggested that 
a distinction be made between positive and negative maxima, depend
ing on whether they appear on the rising or falling portion of the 
elect rocapillary curve.

The most comprehensive interpretation of the nature of polaro- 
graphic maxima was based on the conceptions formulated by Frum- 
kin. Bruns, lofa and their colleagues (1931-39). According to these 
conceptions, the increase of the diffusion-controlled current above 
its normal value is caused by additional vigorous stirring of the
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Fig.JS.G. I’olnrographic maxima in the deposition of thallium nickel, and

solution near the mercury drop surface. Additional agitation of the 
solution is in turn caused by internal streaming in the mercury due 
to nonuniform polarization and the associated difference in the 
surface tension between different parts of the mercury surface. 
Streaming in the solution near the mercury drop was confirmed expe
rimentally by Slackelberg and Anlweiior (1938) and also by Kryukova 
and Kabanov (1938). The direction of streaming is different for 
positive and negative maxima. Streaming occurs from I ho nock (lop) 
of the drop in the case of positive maxima and in the reverse direction 
at negative maxima (Fig. 18.7).

The origin of streaming and the occurrence of polarographic 
maxima can be explained qualitatively as follows. Owing to the 
screening effect of the capillary (he neck of the drop is less strongly 
polarized than its bottom. Suppose the potential difference between 
the neck and the bottom of the drop is Ae (Fig. 18.8). If this poten
tial difference appears on the rising portion of the clectrocapillary
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curve (which implies the appearance of positive maxima), then lo it. 
there will correspond the difference in surface tension Ao. Since 
the surface tension at (he neck of the drop is lower than at the bottom, 
the mercury will stream from the neck to the bottom (Fig. 18.7a); 
the adjacent solution layers taken along by this motion flow in the 
same direction. Fresh solution is thus brought lo the neck of the 
drop, while partially exhausted layers of solution flow to the bottom. 
This process still further increases the potential difference between 
the neck and the bottom of the drop, the increase being the greater, 
the lower the concentration of the solution near the drop. i.e.. the 
more negative its mean potential. Therefore the value of Ae does 
not remain constant and increases somewhat: Ae <  A e '<  Ae".

Fig. 18.7. Streaming in n drop and in the adjacent solution layer:

Howe\ cr, in spite of the increase of Ae due lo the shift of the potential 
lo the negative side, the quantity Ao (which is directly responsible 
for the motion) decreases and becomes vanishingly small on approach
ing the elcctrocapillarv zero and the current drops lo its normal value

^YVlipn dealing with negative maxima, the electrode potential 
being on the falling (negative) portion of the elcclrocapillary curve, 
the surface tension is lower at the bottom of the drop than that at 
the neck, which is less negatively charged. The surface at the bottom 
therefore tends to expand and that at the neck lo contract, this 
causing the mercury to move in the direction indicated in Fig. 18.lb. 
In this case, fresh solution is brought to the bottom of the drop and 
the solution near the neck is partially exhausted. As a result, the 
polarization becomes less nonuniform. The levelling effect becomes 
stronger with decreasing concentration of the solution near the drop, 
i.e.. Ac decreases as the potential is displaced to the negative side, 
and this results in a gradual decay of the negative maximum (see 
Fig. 18.81. Another cause for the disappearance of the ncgalivo



maximum is the increase of the charge on Iho mercury surface with 
increasing distance from the electrocapillary zero. This must reduce 
Ihe mobility of the surface layers of mercury and hence the intensilv 
of motion of the solution.

406 Part f 'iue- Nonequilibrtum Electrode Processes

To avoid polarographic maxima and obtain normal polarograms, 
surface-active substances are added to the solution under study. 
The most effective surface-active substances are those of the molecu
lar type (e.g. gelatine and various dyes). The mechanism of their
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action can be explained with the aid of eleclrocapillary curves 
(Fig. 18.9). In the presence of such surface-active substances the 
surface tension remains practically constant over a wide range of 
potentials. In this case Act is found to be close to zero and cannot 
provide an intensive tangential motion of the surface layers of the 
mercury. The ability of a particular surface-active substance to 
suppress polarographic maxima is linearly dependent on its con
centration in the solution. These results were used to develop a sen
sitive method of quantitative determination of surface-active 
substances, thereby extending the range of 
applicability of polarograpliy. This further 
enhanced the interest in the study of pola
rographic maxima.

The occurrence of tangential motions of 
a liquid cathode at nonuniform polarization 
plays an important role not only in pola 
rographie practice but also in preparative 
and industrial electrochemistry. This pheno
menon lias served as a basis for designing 
original laboratory electrolytic cells, which 
inlensifv the process of electrosynlhesis and 
automatically remove the products from 
the reaction zone (Slarostenko). It has also 
been shown that the intensity of tangential 
motion- may sharply increase when dilute 
amalgams are formed and the heterogeneity 
of the composition of the liquid electrode 
is superposed on its polarization nonu- 
uiformi t v (Antropov). This intensified
tangential motion affects considerably the conditions of electroly
sis of chloride or alkali solutions with amalgam electrodes (Chviruk).

In ihe absence of nonuniform polarization the formation of a mer
cury drop may itself give rise to streaming in its surface layer 
(Fig. IN. 10). This streaming mav entrain the solution layer adjacent 
to the drop and increase the limiting current. The increase of the 
current observed in this case was examined by Kryukova (19-i0). 
who suggested that this current increase be named a maximum of the 
second hind. In contrast to maxima of the first kind, maxima of the 
second kind occur most distinctly in the region of potentials adjacent 
to the eleclrocapillary zero. Tho charge in this region is small amt 
does not interfere with the motion of the mercury surface layers.

The existence of maxima of the second kind has been utilized 
in developing the polarographic adsorption method of analysis. 
These maxima ensure a better reproducibility of results and higher 
sensitivity of the method than maxima of the first kind. For example, 
the presence of n-oclyl alcohol in the solution (up to G X 10 9 mole/lit-

Fig. 18.10. Streaming 
inside a drop during its 

formation
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re) does nol affect the height of maxima of the first kind observed in 
the reduction of oxygen. At the same time the height of the oxygen 
maximum of the second kind decreases by half if the solution con
tains only 3 X 10-* mole/litre of this alcohol.

It has recently been found that adsorption phenomena can be 
studied quantitatively not only by using polarograms and maxima 
appearing on them hut simply by measuring the current on a singlo

expanding drop. The shape of a current-lime curve undonmo- a noti
ceable change during the growth of a drop if the solution contains 
a surface-active substance. Besides, the amount of deviation from 
the normal shape of the curve is legitimately associated with the 
concentration of such a substance (Fig. 18.11).

18.4. FURTHER DEVELOPMENT OF POLAROGRAPHY 

Polarography is developing along the path of increasing the sen
sitivity and accuracy of the method and extending the range of its 
potentialities. One of the variants of polarography providing increa
sed sensitivity is the differential polarographic method.“ in this 
method, instead of current-potential curves, use is made of deriva
tive curves of dllde versus e. Such differential curves can be obtained 
in two ways. The first procedure consists in using two identical drop
ping-mercury electrodes in the same solution and applying to one 
electrode a voltage several millivolts lower than to the other. In the 
second procedure, one deals, as usual, with a single capillary but 
makes use of special differentiating electronic circuits. A comparison 
of a simple polarogram with a differential one is shown in Fig 18 12 
Qualitative and quantitative determinations with the aid of diffe
rential polarograms arc carried out by measuring potentials and
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peak heights. An advantage of such polarograms is the possibility 
of identifying impurities of less nohlo metals in a solution containing 
an excess of ions of more noble metals. This cannot be achieved 
by means of true polarography.

New possibilities were opened up in polarography when electronic 
oscillographs entered the scene. These devices are used to register 
changes in potential and current with time. In the most widespread 
technique of oscillographic polarography. alternating voltage is 
impressed upon the cell and a potential-time curve is traced, which

consists of two portions—the ascending, cathodic branch and the 
descending, anodic branch. At frequencies of the order of oU Hz 
the curve for the supporting electrolyte has the shape of a sine-wave 
(Fig. 18.13a). When the solution contains substances eleclrochemi- 
cally active on the dropping-mercury electrode the ascending and 
descending branches of the potential-time curve show time-lags 
corresponding respectively to reduction and oxidation of 
substances. If these processes are reversible, time-lags appear at 
approximately the same potential (Fig. 18.13b ; when they are 
irreversible the reduction and oxidation potentials are found to be 
different (Fig. 18.13c). When the frequency increases, say l0 
the saw teeth on the potential-time curve extend into lines, forming 
an oscillopolarographic spectrum. Each line in this spectrum 
corresponds to the reduction of a definite substance (the anodic 
branch of the sinusoid is usually omitted from the spectrum), 
oscillopolarographic spectrum thus permits determination of the 
qualitative composition of a solution. For quantitative analysis 
it is necessary to use derivative oscillopolarographic curves, prefe-





PART SIX

The Kinetics of Some Electrode 
Processes

CHAPTER 19 

The Hydrogen Evolution Reaction

19.1. GENERAL DESCRIPTION OF THE PROCESS

The electrolytic evolution of hydrogen in acid and alkalino solu
tions occurs in different ways. The source of hydrogen in acid solu
tions is hydroxonium ions which are discharged at the cathodo 
to form hydrogen gas:

2II:,0 + -f 2e =  H, -b 211,0 (19.1)
In tlu- case of a lkaline  solutions it is assumed that electrons are 
d irec tly  added on to w ater molecules which then decompose to yield 
hydrogen and hydroxyl ions:

2H-0 +  2e =  II, -  2011- (19.2)
It is believed that reaction (19.2) may also proceed in acid solutions 
but ai high current densities. In certain cases hydrogen is evolved 
in acidic mediums directly from the molecules of the acid:

2HA + 2e = II, -r 2A" (19.3)
This case is realizable when hydrogen is evolved at a mercury cathode 
from aqueous solutions of carbonic acid.

Weak organic bases B arc capable of catalyzing the cathodic evo
lution of hydrogen to form, together with hydrogen ions, positively 
charged adsorbed particles:

B M30 + =  BH-dJ -  11,0 (19.4)

These particles arc discharged
B lli,, -f- e =  BM„d, 

and the unstable complexes formed arc then decomposed into hydro 
gen and the initial base:

BHad, =  B !- — 11, (19.15)
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rably dtUU versus e curves, the shape of which is shown in Fig. 18.14. 
Each minimum on Ihe oscillopolarogram corresponds to the half
wave potential of a definite ionic species, and its height is propor-

£  I £ £

tet) tb) tc)

Fig. 18.13. Potcnlial-limo curves in oscillographic polarogrnplty: 
a —curve for the background electrolyte; 6—curve obtained in the presence of a substance, 
the reduction and oxidation of which proceeds reversibly; c—ditto for irreversible processes

lional to the ionic composition. The sawtooth on the cathodic por
tion of the oscillopolarogram symbolyze lead and cadmium: indium 
gives no sawtooth under the same conditions. The anodic port ion of the

as compared with classical polarography.
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CHAPTER 19 

The Hydrogen Evolution Reaction

19.1. GENERAL DESCRIPTION OF THE PROCESS

The electrolytic evolution of hydrogen in acid and alkaline solu- 
lions occurs in different ways. The source of hydrogen in acid solu
tions is hydroxonium ions which are discharged at the cathode 
to form hydrogen gas:

2II30 + 4- 2e =  II, 4- 211,0 (19.1)
In the case of alkaline solutions it is assumed that electrons arc 
directly added on to water molecules which then decompose to yield 
hydrogen and hydroxyl ions:

211,0 +  2e =  II, -h 2011- (19.2)

It is believed that reaction (19.2) may also proceed in acid solutions 
hut at high current densities. In certain cases hydrogen is evolved 
in acidic mediums directly from the molecules of the acid:

2IIA + 2e = II, -r 2A- (19.3)
This case is realizable when hydrogen is evolved at a mercury cathode 
from aqueous solutions of carbonic acid.

Weak organic bases H are capable of catalyzing the cathodic evo
lution of hydrogen to form, together with hydrogen ions, positively 
charged adsorbed particles:

B -j- f-1,0♦ =  13HS* -4 11,0 (19.4)

These particles are discharged
BHJd, +  e =  Bll.uis 

and the unstable complexes formed arc then decomposed into hydro
gen and the initial base:

I3Harfs=U  f  — II2 (19.(1)
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The acceleration of Ihe hydrogen-evolulion reaclion is probably 
associated with the fact that the activation energy in tlie case of 
a mullislep reaction involving consecutive steps (19.4) to (19.6) 
is lower than in the direct discharge of hydrogen ions according 
to (19.1). In neutral mediums, e.g. in salt solutions, the evolution 
of hydrogen may proceed according to both schemes (19.1) and (19.2). 
Which mechanism will predominate depends on the solution pH 
and the nature of the salt. Experimental data obtained in recent 
years confirm the mechanism of “secondary hydrogen evolution", 
which was in vogue in the early days of electrochemical science and 
was later rejected. According to this mechanism the primary act 
is the discharge of ions of an alkali metal, M+, with the formation 
of a corresponding metal or its alloy with the cathode material: 

M+ +  e =  IM1 (19.7)

Hydrogen is evolved at the subsequent step of interaction of the 
alkali metal (its alloy or amalgam) with the solvent particles:

[M] +  H20  =  — H2+MOH (19.8)

This mechanism of hydrogen evolution is most probable in the 
electrolysis of alkaline solutions or solutions with a high concentra
tion of an alkali-metal salt and on cathodes of high hydrogen over- 
potential (e.g. mercury, lead). Experimental facts established in 
investigations of the eleclroreduclion of organic substances (Antro
pov, Smirnov) point to the incorporation of alkali nwlals into 
cathodes made of lead and cadmium. These observations are suppor
ted by experimental data obtained by other authors (e.g. K abanov). 
For metals of low hydrogen overpolenlial the secondary evolution 
of hydrogen is considered less probable. Still, some researchers 
(e.g. Matsuda) believe that for the formation of hydrogen on plati
num cathodes the bulk of experimental data is also best explained 
by scheme (19.7)-(19.8). Reactions (19.1), (19.2) and (19.3) written 
in the reverse order will represent the sequence of the anodic disso
lution of hydrogen gas with the formation of water, hydroxyl ions 
or acid molecules.

The hydrogen-evolution reaction at the cathode lakes place at 
a potential e more negative than the reversible potential ei( corres
ponding to the pH of a given solution:

e„ =  —j r  In a ,I+ =  — i°pH (19.9)

In most cases the difference between the electrode potential arising 
from the passage of a current on hydrogen evolution and the poten
tial of the equilibrium hydrogen electrode under the same conditions

e -  eH
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is identified with activation polarization since concentration pola
rization is small here and may be disregarded, 'fhe insignificant 
role of diffusion limitations in the kinetics of the cathodic hydrogen 
evolution in acidic solutions will become clear if one takes into 
account that the mobility of hydrogen ions is considerably high 
as compared with all other ions. When hydrogen is evolved from 
alkaline solutions, concentration polarizalion must be lower owing 
to the very high concentration of discharging particles (water mole
cules). Hence, the quantity

e — en =  t)h (19.10)
which is known as the hydrogen overpotentia) (or overvoltage), 
may be regarded as a direct measure of the irreversibility of the 
electrochemical hydrogen-evolution process. The value of hydrogen 
overpotential and its dependence on various factors must therefore 
be closely related to the nature of the cathodic hydrogen- 
evolution reaction.

Study of hydrogen overpotenlial enables one to identify the 
mechanism of hydrogen evolution and is therefore of great interest 
from ; her theorel ical point of view. Regularities established for hydro
gen overpotential can partly be extended to other cases of electroche
mical kinetics, which considerably raises the theoretical signifi
cance of works on hydrogen overpotential. Investigation of hydrogen 
overuolential is also of great practical importance since present- 
day industrial electrochemistry is primarily the electrochemistry 
of aqueous solutions and the processes of electrolytic decomposition 
of water can be superimposed on any cathodic or anodic reaction. 
The magnitude of hydrogen overpolential constitutes a consider
able fraction of the voltage in cells for electrolysis of water and 
chloride solutions. Knowledge of its nature makes it possible to 
lower hydrogen overpotential and hence to reduce the consumption 
of electric power, thereby improving the economic efficiency of 
these processes. In other cases (elcclrodeposition of metals, cathodic 
reduction of inorganic and organic substances, operation of chemical 
sources of current) knowledge of the nature of hydrogen overpotential 
allows one to tackle the reverse problem—the search for rational 
ways of increasing it. All this explains why the study of the catho
dic hydrogen-evolution reaction and of the nature of hydrogen over- 
potential has always attracted the attention of electrochemists.

19.2. DEPENDENCE OF HYDROGEN OVERPOTENTIAL
ON CURRENT DENSITY AND ELECTRODE MATERIAL

The dependence of overpotential on current density observed 
in the evolution of hydrogen from solutions of mineral acids and 
bases and also from aqueous solutions of salts incapable of dissocia-
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ting into surface-active ions may be described by Fig. 16.2 (see 
page 381) or by Fig. 19.1. In the region of small deviations from 
the equilibrium potential the relation between overpotenlial and 
current density is linear:

il =  Hi (19.11)

As the potential moves farther away from the equilibrium value 
(with increasing current density) the linear relation changes into 
a semilogarithmic one:

il =  a +  b log i (19.12)

For some metals, e.g. mercury, this semilogarithmic relation 
with constant values of a and b holds up to the highest current den-

-6 -5 -4 -3 -2 -1 to  ■>/

Fig. 19.1. KU'clrodc polariznlion (electrode potential) versus current density 
for hydrogen evolution on some metals (after Kolotyrhin)

sities so far attained (see Fig. 16.2). For other metals, e.g. lend and 
platinum, in a certain region of current densities a new scmilo- 
garilhmic straight line appears, with a changed and b being the 
same (lend) or different (plntinum) (see Fig. 19.1).

It can be seen from Table 19.1 that the value of a varies widely 
from metal to metal: from 0.1V for platinum to I.TiV for lead. Apart 
from the electrode material, the value of a is also affected by the 
stale of the electrode surface. The constant a falls when the electrode 
surface becomes loosened and free of oxide films. The value of b 
varies within narrower limits —from 0.03 to 0.12 and only in rare 
cases (for technical and oxidized metals) does it exceed 0.12. Low 
values of b arc observed for metals of the lowest overpotenlial (with 
a minimum value of a), e.g. plntinum and palladium. For many 
metals, including all metals of high overpotenlial, the value of b 
is about 0 .12 .
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TABLE 19.1
Values of Constants a and b in Tafel's Equation for Cathodic 

Hydrogen Evolution on Different Metals. r = 20±2°C

Me,, JStSSU Aisilsr.

„ | a ■ 1  * I 0 | „ « I -

Ag
A1

Bo
Bi
Cel
Co
Cu
Fo
Co
He
Mn

0.05 
1.00 
0.40 
1.08 
0.84 
1.40 
0.02

u'.io
0.07

0.10
0.10
0.12
0.12
0.12
0.12
0.14
0.12

(M2
0.114

0.73
0.G4

1.05
0.60
0.00
0.70

1.54
0.00

0.12 j !  Mo 
0.14 | Nb

-  }! i>b

0.10 H  
0.14 Sb 
0.12 Su 
0.11 Ti
-  Tl

O.'lJ l! Zn
1

0.00
0.8
0.03

0.24
0.10
1.00
1.20
0.82
1.55

1.24

O.08

o'II 

0.03

(LI3
0.14
0.14

0.12

0.07

0.65
1.36
0.53
0.31

1.28
0.83

1.20

0.14

0.10
0.25

0J0

o ,‘m

Measurements carried out in recent years with single crystals of 
various metals (copper, bismuth, chromium, cadmium, nickel, tin 
ami load) have shown that the hydrogen overpolential largely de
pend" on the symbol of the single-crystal face on which hydrogen 
is caihodically evolved. Therefore hydrogen overpolentials found 
for solid cathodes of polycryslallinc structure represent average 
values. They may vary depending on the percentage of exposure 
of different crystal faces.

Many attempts have been made to establish a relationship between 
llie hydrogen overpolential on a given metal and some other of it" 
physical properties: catalytic activity with respect to recombination 
of free hydrogen atoms, melting or evaporation heat, electronic 
work function, minimum interatomic distance in crystal lattice, 
compressibility, etc. For example, an inference has been drawn in 
these studies that the higher is the melting point of a metal the 
lower will be its hydrogen overpolential; this observation however 
cannot be accepted even as an approximate rule. Bonhoeffer (1924) 
found that the higher the catalytic activity of a metal for recombina
tion of hydrogen atoms, the lower is the hydrogen overpolential 
on it, i.e.i in a scries of metals these properties increase in opposite

catalytic activity —>►
Pb, Sn, Zn. On, Ag. Fc, Ni. W, Pd, Pt

-♦-hydrogen overpolential
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Kobozev (19-47) and also Bockris (1951) found a relationship between 
electronic work function and hydrogen overpolcnlial. Comparing 
the hydrogen overpolcnlial wilh the minimum inleratomic distance 
in mclals, Khomulov (1950) established that the lowest overpolenliiil 
is observed on metals with an interatomic distance of about 2.7 A; 
the overpotential rises regularly as this distance increases or decrea
ses. In his later works Khoinutov noted that the interatomic distance 
at which the overpotenlial is minimal is close to the diameter of the 
water molecule and proposed a modclislic method for calculating 
the coefficient b in Tafel’s equation. According to Lorenz (1950) 
the following relation exists between the constant a and the electro
nic compressibility x t

a = 2- Vx,.10«
(19.13)

19.3. EFFECT OF SOLUTION NATURE 
AND COMPOSITION ON HYDROGEN OVERPOTENTIAL

The greatest number of investigations of hydrogen ever’potential 
have been carried out wilh aqueous solutions. Howexei. Lu mercury 
(and, wilh lower accuracy, for some other mclals) there ha\e also 
been obtained data in nonaqueous acid solutions. Inc hylrogen 
overpotenlial on mercury during hydrogen evolution inmi a solu
tion of hydrogen chloride in ethyl and methyl ah "in.I.- is lower 
than for aqueous solutions. Data obtained for mixed -"Lents are 
rather uncertain. The nature of the solvent is less imjioiTanl for 
metals of low overpotenlial. The relation between the hydrogen 
overpotenlial and the solvent nature has not yet been accurately 
established, though some published data indicate that for copper 
and nickel the values of hydrogen overpolcnlial are slicditly higher 
in alcohol solutions than in aqueous ones.

The eflecl of the solution pH on hydrogen overpotenlial has been 
studied most thoroughly for mercury cathodes. It has been found 
(hat in solutions of pure acids at concentrations up to 0.1 g-cq/litre 
the hydrogen overpolcnlial is not a function of pH. At higher con
centrations the overpotenlial becomes dependent on pH. decreasing 
with increasing acid content, the ratio Aq/ApII being about 60 mV. 
If solutions contain an excess of extraneous (indifferent) electrolyte, 
apart from the acid, the variation of overpotenlial with pH is also 
observed at acid concentrations lower than 0.1 g-eq/litre. In alkaline 
solutions, at an alkali concentration of 0.1 g-eq/litre and higher, 
the hydrogen overpotenlial decreases with increasing concentration. 
In the presence of an excess of extraneous ions this variation of over- 
potential wilh pH is also observed for dilute alkaline solutions. 
The dependence of hydrogen overpotenlial on pH at mercury in 
solutions containing a constant excess of extraneous ions is shown
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Fig. I:'.:!. Relation botwcon the overpotontial in hydrogen ovolution on a mer- 
. iiry cathode and the solution pH at different current densities:

I—I x I0-* A/cm*; II— I X KM A/cm’

contrast io mercury, however, in this case the overpolential varies 
only slightly with pH and docs not obey a simple linear law. The 
hydrogen overpolential on lead and on platinum is almost inde- 
pendcui of the solution pH.

Hydrogen overpotential is highly sensitive to the presence of 
foreign substances in the electrolyte. The addition of salts to dilute 
acid sol uI ions increases the hydrogen overpotontial on mercury; 
for example, a tenfold increase of Iho concentration of a uni-univa
lent electrolyte (at constant pH) increases r\ approximately by 
55-58 mV. The initial addition of an electrolyte with a polyvulent 
cation exerts a stronger effect than an ecjual addition of a uni-univa
lent salt. Substances with surface-active nnions have the strongest 
influence on the hydrogen overpolential on mercury in the 
region of small current densities, reducing it by tenths of a volt. 
Conversely, surfnco-aclivo cations increase tho hydrogen overpo- 
>ontin 1 on mercury in a wide range of current density. Surface- 
active molcculnr substances either increase or decrease the value 
of r) on morcury depending on their nature. The effect of these sub- 
stances becomes wenkor with increasing current density and comple-
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19.5. POSSIBLE STEPS AND PATHS 
FOR THE CATHODIC HYDROGEN EVOLUTION REACTION 

Reactions (19.1), (19.2) and (19.3) represent Ihe overall calhodic 
hydrogen-evolution process under di Heron I eleclrolysis condilions. 
This process involves a series of conseeulivo steps and may lake 
different paths depending on the condilions chosen. Tho lirsl step— 
the transport to the electrode surface of particles from which hydro
gen is cathodically evolved—proceeds almost unhindered here.' The 
next step is the discharge of hydrogen ions (or water molecules) 
with the formation of adsorbed hydrogen atoms:

lf30 + +  e =  Ha(h +  1-1,0 (19.14)
or

II:0  -f e =  HadJ +  OH- (19.if,)
Irrespective of whether the discharge occurs from an acidic or 

alkaline medium, it will produce adsorbed hydrogen atoms •>. 
For steady-state electrolysis conditions to be attained ii is necessary 
that the surface concentration of hydrogen atoms he kept constant, 
i.e., that they be continuously removed from the catiinle surface. 
Hydrogen atoms can be removed in three ways: by catalytic recom
bination, electrochemical desorption or emission. In :l.e catalytic 
mechanism hydrogen atoms are recombined into umiecules and 
simultaneously desorbed:

HodJ +  IIa<(, =  II, (19.IIS)
the electrode metal serving as the catalyst. Kobozev assumed that, 
apart from ordinary molecules, there may appear in eleclrolysis 
products vibrationally excited hydrogen molecules H" owing to the 
specificity of an electrochemical process, in which adsorbed hydrogen

» The author of this book has suggested a mechanism for the electrolytic 
evolution of hydrogen from alkulinc solutions, which docs not involve the for
mation of adsorbed hydrogen. According to this mechanism, two associates con
sisting of two water molecules (II,0)2 each, to which two electrons add on succe
ssively, arc discharged:

( H ,0 ) ,+  e =(HjO)J; (IIzO)T +  e =  (H,0)j-; (HjO)}' =  H, +  2011- 
This reaction is analogous to the recombination of two hydrated electrons eaq: 

eaq +  eaq =  H2 +  20H- 
A hydrogen evolution reaction in which hydrated electrons caq are involved and 
00 hydrogen adatoms arc formed is also possible in principle in tho case of acid 
solutions, especially on cathodes of high ovcrpolcntial and small heal of adsor
ption of hydrogen atoms: it may proceed, for example, according to the follo
wing scheme:

caq t  H3O* =  H +  H ,0 
H +  H30 + =  HJ-HjO 

H$.H,0 -f en„ =  Hj +  HjO
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atoms are forced by Iho electrical current lo land on any points 
of I lie cathode (including sites with a small hoal of adsorption):

IlSa. +  HJd. =  H; (19.17)

In electrochemical desorption, the hydrogen atoms are removed 
from the electrode surface as a result of the discharge of hydrogen 
atoms (or water molecules) on the alrendy adsorbed atoms according 
to the equations

II30  + f  IIad, +  e =  H2 +  II20 (19.18)
or

1-1,0 -r II,, =  II2 ~  OH- (19.19)

In lhe omission mechanism, adsorbed hydrogen atoms 
from I he electrode surface as free atoms:

evaporate

II ai,  =  H (19.20)

which then recombine into hydrogen molecules.
The molcculur hydrogen formed from the adsorbed atomic hydro

gen in ust be removed from the electrode-electrolyte interface into 
the ga-- pliaso.

Iho-. the cathodic hydrogen-evolution process may be represen
ted by the following scheme:

H30+-!-H20 in the bulk of the solution

Transport to the electrode j  (I) 

i+ or H.O at the electrode surface 

Discharge j  (II)

II atoms adsorbed on the cathode surface j

la) Electrochemical j  (m b )  t lu iss io n  J ( l l lc )Catalytic | (Ilia) Electrochemical 
desorption j  desorption

j~  II2 in the electrode-electrolyte

Trausfer into gas phase j  (IV)

Gaseous molecular hydrogen
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Any one of these four slops may l>e rale determining and respon
sible for the appearance of hydrogen ovcrpolenlial. In the present 
case the hindrances associated with the transport of substances 
(step I) are not essential. There is evidence, however, that at high 
current densities in acid solutions the discharge step should be des
cribed by Eq. (19.2) rather than by Kq. (19.9) owing to the slow 
rate of the transport of H30 + ions.

fn the electrochemical hydrogen-evolution reaction the removal 
of adsorbed hydrogen atoms can be effected in several ways. If 
this step (step III in the above scheme) is slow, then the rale of Ihe 
overall process must be determined by the rale of the most effective 
of the above-indicated three desorption mechanisms. Slow recombi
nation, for example, implies that the catalytic formation of hydro
gen molecules is more strongly hindered than the discharge or trans
port step and at the same lime proceeds much faster than electro
chemical desorption or emission of hydrogen atoms. At close values 
of the rate constants of parallel steps the removal of hydrogen may 
occur in several ways simultaneously •>.

Let tho slow step be denoted by A and the most effective step, 
the removal of adsorbed atomic hydrogen, by B; then the most pro
bable combinations of these two steps can be represented as shown 
in Table 19.2.

Possible Combinations of the Slow (A) and Fast (I!) steps 
of the Cathodic Evolution of Hydrogen

Mechanism Discharge Recombl-

Volmcr-Tn fcl A n
Yolmcr-Hcyrovsky A 15 -
Hcyrovsky-IIoruiti I

=
A13

AB

The Volmcr-Tafcl mechanism corresponds to the case where the 
discharge step runs slow and the removal of hydrogen atoms is accomp
lished by recombination. According to the Volmcr-Meyrovsky 
mechanism, the discharge is the slow step (rds) again, but the hydro
gen atoms are removed by electrochemical desorption. In the Tafcl- 
Horuili mechanism the recombination of hydrogen atoms determines 11

11 The problem of hydrogen removal from the cathode surface, which is of 
great importance for the understanding of the nature of the hydrogen evolution 
reaction was the subject of dispute between Kobozev’s and Frumkin’s schools 
(1940-56).
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the rale of (ho overall reaction and at the same timo removes the 
hydrogen atoms formed in the discharge step, which proceeds without 
hindrances. The Heyrovsky-Horuili mechanism is based on llio 
assumption that the overall rate is determined by the electrochemi
cal-desorption step, which is also the most effective way for remo
ving the adsorbed hydrogen. In the diffusion mechanism all the 
steps run faster than the removal of the molecular hydrogen dis
solved in the electrolyte layer adjacent to the electrode surface. 
Apart from the mechanisms listed in Table 19.2, other kinetic 
variants of the occurrence of the cathodic hydrogen-evolution reac
tion are also possible. For example, it may happen that the rate 
constants of two or more steps differ little from one another. When 
the conditions under which the reaction lakes place change, one 
mechanism may be replaced by another. When the conditions on one 
and the same electrode remain constant, there may appear sites 
on it where hydrogen evolution will take place in different ways 
because of the inhomogeneity of the electrode surface.

The possibility of one kinetic mechanism being replaced by another 
was considered by Hammett (1933) and in a more general way by 
Loshknrev and Esin (1938), and also by other authors.

The actual mechanism of the cathodic hydrogen-evolution reac
tion or: a given metal can be established on the basis of comprehen
sive experimental investigations and comparison of the results 
obtained with the inferences following from the theories of different 
types of ovcrpotential.

19.5.1. ELECTROCHEMICAL OVER POTENTIAL 
IN THE HYDROGEN EVOLUTION REACTION 

Electrochemical Reaction on the Free Metal Surface. If out of the 
two possible variants of the discharge of bydroxoniuni ions or water 
molecules—on a free cathode surface and on the already adsorbed 
hydrogen atoms—the first is realized, then it may be described 
by kinetic equations (16.80) and (16.81). Assuming that chj0 =  const 
and On =£ /  (i) and is very small (0H «  1), these equations may be 
rewrit ton thus:

i =  7 -  r =  Fe(“ ->^VBT(jtcHSo*e-°Fe/flr-*OH «(1- a) Ft,RT) (19-21)

for acidic solutions and

/ = 7  - 7  =  FeafC/BT('X(.I,toe-as-«r/flr_^oii-OHe(l a) Fe,,,T) (19.22)

for alkaline solutions. When e =  er and i =  0, thon i = i = i'# 
and therefore one can write in place of Eqs. (19.21) and (19.22): i

i =  7 - 7  = i«cWe(a-i)n/nr(e-a/VBT_e(i-a)wflr) (19.23)
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/ =  i - i  =  (S,fce«f t /n'r (e -“ ':'n /n T _ e( i - a ) r n/n r)  

respeclively.
The quantity i2ci(/ is given by the expression 

Hcu =  FkcKl0>e-aFt' ,RT =
or since

and

il follows lhal

Ĥ r =  eJr -f In iS * * . 

©n «  ch, ej( =  const

(19.24)

iScid =  f̂c'cHjCK’cH =  = s(tJCi,,c!,1J*'cH (19.25)

Under the same conditions (he quantity i°a,h is deiennincd by the 
expression

iaih =  c/fatoCoiI-CH (19.26)
since

cir3o+ -con- =  K w

A t a considerable ca thodic  ove rpo ten lia l Eos (19 2".'. and (19.24) 
sim plify  to

‘acid =  i =  stiicuic\iio*cfleia -i'> hVi<re -aFn/ia- (19.27)
and

lain = i =  s tilih C o n -cn ^ i^e - '^ ir iT  (19.28)

Taking logarithms of Eq. (19.27) and solving it for r|, one gets the 
following expression

11 =  " 5 F ln *,i<0,cidCH +  ^ jr  In cH,o+ —

— ^ - lr*iacd (19.29)

or, after changing to common logarithms and substituting the con
stant a for the first term,

i) =  a +  2.3 - ^ — ^ lo g C H ^ - -— - £ - 2 .3  —  log;,,,.,,, (19.30)

From Eq. (19.30) il follows that in concentrated acid solutions 
or in acid solutions of any concentration but containing an excess 
of extraneous ions the overpotential at a given current will diminish 
at room temperature by (1 -  ct)/a 0.06V for a tenfold increase
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of llic hydrogen-ion concentration (i.o., a unit decroase of |iH). 
Indeed, under llie conditions chosen the £ potential must be vorv 
small and constant. A change in the concentration of an acid (hydro
gen ions) will affect the ovorpolcntial only through llio second term 
of Eq. (19.30). Conversely, in dilute acid solutions a change in the 
acid concentration will not only determine cHsot hut also affect 
(he value of I lie £ potential. From the Stern theory it follows that 
the value of £ must vary in the given caso with the acid concentration 
equal to the hydrogen-ion concentration according to the equation

£ =  const - f - ^ -  In (19.31)

Substituting this value of £ into Eq. (19.30) leads to the equation

i1 =  a - |- 2 .3 —  logcii3o» — 2.3 — - logcH3o*-

-  2 .3 log iacld =  fl -  2 .3 -g - log iaM (19.32)

from which it follows that the hydrogen overpotoulial in dilute 
acid solutions is independent of the acid concentration.

From Eq. (19.28) it follows that in alkaline solutions the following 
equation hoi.Is for the hydrogen overpotential:

1“ ‘ttiihc'n  +  ̂ jr  ln C0I1- +  £— ^7  In Co. (19.33)
or

fl-h 2 .3 ^ -lo g co H - +  £ -2 .3 -^ - lo g C ,ft (19.34)

Thus, in concentrated alkaline solutions or in alkaline solutions 
of any concentration hut containing an excess of indifferent electro
lyte, where I lie £ potential may be taken as constant and close to- 
zero, the overpotential at a constant current density and room tem
perature will fall by 0.06V for a 10-fold increase of the concentration 
of hydroxyl ions (or a unit increase of pH). In dilute alkaline solu
tions containing no indifferent electrolyte the £ potential will be 
a function of the concenlration of the alkali (OH- ions):

£ =  const +  -^-lncoH- (19.35)

Substituting this value of £ into Eq. (19.34) yields the equation 

n = a +  2.3 logcoh- +  2 .3 -^ - log c0ir  — 2.3 logkth -■

=  a +  2 X 2.3 log coh- -  2.3 log U  (19.36)
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from which it follows that in this case the tenfold increase of fon- 
U ^ u n i t  increase of pH) decreases the hydrogen overpolcnlial

Since the £ potential is a function of the nature and concentration 
of dissolved substances, the electrochemical hydrogen overpotential 
m ust depend on the solution composition. The £ potential and hence 
il must be most strongly affected by polyvalent ions and surface- 
active substances. An analysis of Eqs. '(19.29) and (19.33) with 
account taken of the characteristics of the £ potential leads to the 
conclusion tha t the introduction of extraneous cations must increase, 
and tha t of extraneous anions decrease the electrochemical overpo- 
tcn lia l in the cathodic hydrogen-evolution reaction

From Eqs. (19.29) and (19.33) it  also follows that the overpoten
tia l must dim inish under the influence of all factors that increase 
the exchange current. The most im portant factors ore the nature 
of the electrode metal and of the solvent. The offer' of these factors 
on the electrochemical overpolcnlial can be qualitoii d v estimated 
in a ra ther convenient way byV(he potential-curve method proposed 
by H oruiti and Polanyi in 193oN jsing this melho :. these authors 
described the cathodic hydrogen-evbkuion reacti-i , .»nd deduced 
a qualita tively  correct relationship bdtsMcn the eh-rirochcmical 
overpotential and the current density. W eShsE  < -.-idcr here, as 
an example, only the evolution of hydrogen frotv m-id solutions. 
The electrochemical act corresponds in this case itNihc transition 
of the proton from the hydrated-ion stale to the si a te  oNshvdrogcn 
atom adsorbed on the metal. In the course of this pr.ness intyjmergy 
undergoes a change along the profile shown on the potential diagram 
in Fig. 19.5. The left solid curve ABD  shows the variation of tta . 
free energy of the hydrated proton as a function of the distance bet
ween the proton and the water molecule. In going from left to right 
in the direction of the electrode surface, i.e., in the direction of the 
discharge, the potential energy will increase (as a resnlL of the work 
done to stretch the H 2O—I I + bond, i.e., to partially  dehydrate the 
hydrogen ion). The right solid potential curve corresponds to the 
increase (or decrease) of the free energy of the 11 —M system as 
a function of the distance between the adsorbed hydrogen atom and 
the metal surface. When going in the same direction (from the 
point of intersection of the curves) the potential energy falls under 
the influence of a ttractive forces arising between the metal surface 
and the hydrogen atom. The minimum of the right curve corresponds 
to the equilibrium  position of the adsorbed hydrogen atom, i.e., 
to the M—H bond. Thus, the variation of the potential energy of 
a hydrogen ion during the discharge process is described by the 
potential-curve portion ABC. The change of the energy along the 
path CBA corresponds to the reverse process—the ionization of an 
adsorbed hydrogen atom with the formation of a hydrated hydrogen
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ion. If nn electron wore not added at point B  during discharge (or 
lost during ionization), then the left and righ t curves would extend 
to levels D  and F, respectively. The D  level characterizes the poten
tia l energy of the system H + -f  H 20  consisting of a free gaseous 
proton and liqu id  water. The distance between levels D  and .1 
gives the to tal real hydration  energy of a hydrogen ion, — AGh*. 
The F  level corresponds to the potential energy of the system H •— M

Fig. 19.5. Effect of the heal of adsorption of hydrogen on a metal on the froe- 
energy change in tlie discharge step H30 + ~  e — llad, H20

conSisljng of free gaseous hydrogen atoms and a solid m etal. The 
distancc^beiween F  and C gives the energy of adsorption of atomic 
hydrogen onthe^^leclrode m etal, — AGh- From Fig. 19.5 it follows 
th a t the activalionS itecgy  of the discharge step is lower than the 
to tal dehydration  energyTshoU nrly, the activation energy of ioni
zation is lower than  the energy"'sf>desorption of a hydrogen atom 
from the m etal surface. For in s l a n c ^ l t e  activation energy of the 
discharge of hydrogen ions on mercury at zfcis^ovcrpotenlial is about 
20  keal/g-ion, while Iho hydration energy of nj’tkyjgen ions is close 
to 250 kcal/g-ion. Nevertheless, according to the imtdol the activa
tion energy of discharge and hence the hydrogen i>g^rpolential 
m ust depend on the solvation energy of hydrogen ions ahd^on the 
energy (or heal) of adsorption of hydrogen atom s'). If one confines

■> In fact, the solvation energy determines the standard potential; its rela* 
lion to the hydrogen ovorpolential is indirect and more complicated.
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himself to aqueous solutions, for which the position of the left curve 
remains practically unchanged, then the point of its intersection 
with the right potential curve will he tho lower, the greater is the 
heat of adsorption. In going from a metal with an adsorption heal 
—AGh to a metal with an adsorption heat — AG^ (the right dashed 
curve) the activation energy diminishes by an amount It — u'. 
which is a certain fraction of the increment of the adsorption energy 
— (AGh — AGh) of hydrogen. For this reason the electrochemical

D

Fig. 19.6. Effect of the heat of solvation of hydrogen ions on t 
chaogo in tho dischargo step H*L +  e =  H* I,

G

hydrogen ovcrpolcnlial must regularly fall with increasing adsorp
tion capacity of the electrode metal with respect to hydrogen atoms. 
On the other hand, when hydrogen evolves on a given'’metal the 
electrochemical overpotential must depend on the energy stale 
of an ion in solution .Therefore the overpotential should he expected 
o vary a so from solvent to solvent. It can be seen from Fig. 19.6 

that the hydrogen overpotcnlial increases in going from a solvent 
in which the energy of solvation of the proton is lower to a solvent 
willi a higher .solvation energy.

Electrochemical Reaction on a Metal Surface Occupied by Adsor
bed Hydrogen Atoms. In this case hydrogen evolution procoeds 
according to schemes (19.2) and (19.3):

HsO+ +  Had, +  e =  H2 +  IIjO
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and
II20  +  Had, +  e =  II2 + 011-

uml its kinetics is described by F.qs. (19./i) nnd (19.5). As follows 
from the reaction equations, simultaneously with the charge trans- 
fer step the adsorbed hydrogen atoms are taken off from the electrode 
surface and removed in the form of molecules. I t  is for this reason 
that this type of electrochemical hydrogen overpotenlial is often 
called electrochemical desorption.

The concept of the electrochemical desorption as a step determining 
the rate of the overall cathodic hydrogen-evolution reaction was 
lirst formulated by Ileyrovsky in 1925. According to Heyrovskv. 
the electrolytic evolution of hydrogen consists of three stops:

1. I I+ +  e =  H
2. H + e  =  H -
3. H+ +  H - =  H 2

The lirst two steps proceed w ithout difficulties, while the third 
step, ele. i l ochemical desorption, runs slow. Using Heyrovsky's 
views and assuming that the concentration of hydrogen ions near 
the electrode surface is related to their bulk concentration by the 
Langmuir adsorption isotherm, Gerasimenko and Shlendik (1930) 
derived she following relation for the cathodic potential

g =  const -  —  In t +  In (19.37)

where A and B  are the constants in the Langmuir isotherm. Though 
the ITeyrovsky-Herasymenko-Slendyk theory contains a number 
of assumptions which cannot be considered valid a t present, it is 
nevertheless of considerable interest. I t  can be regarded as the first 
attem pt to take into account the adsorption of hydrogen ions and 
the effect of the solution composition (pH and extraneous electroly
tes) on the hydrogen overpotenlial. For example, from this theory 
it follows that in acid solutions containing a constant excess of an 
extraneous salt the overpotential should be expected to increase by 
f 11 u Pon 10-fold dilution of the acid. 'Pile same conclusion
follows from tho modern theory of slow discharge.

Later, the Hevrovsky theory was substantially developed by 
Horuili and his colleagues (1936). According to Horuili, the electro
chemical desorption of hydrogen in the electrolysis of acid solutions 
proceeds as follows. Tho first step is the discharge nnd tho formation 
°* a hydrogen atom adsorbed hy a motal I I—M:

I-I30 + +  e +  M =  H -M  +  H20  (19.38)
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The adsorbed hydrogen atom interacts with an adsorbed hydroxonimn 
ion to form an intermediate complex:

H -  M +  H+ -  H20 =  1120 ^ 11 x M (19.39)

In this complex the particles II and TI* are arranged symmetrically 
relative to the nxis of the bond between the water molecule and the 
me al (11,0 -  M), forming a molecular ion IK, which is bound 
to both the metal surface and the water molecule! The bonding with 
the metal is provided by a valency electron and that with the water 
molecule by the net positive charge of the ion. An intermediate 
complex may also appear when there is no discharge act and no adsor
bed hydrogen atom is formed. For this to occur it is necessary that 
one of the two neighbouring adsorbed hydrogen ions accept an 
electron. 11ms, according to Horuiti, electrochemical desorption 
(Iocs not necessarily proceed via the discharge of an hydroxonium 
ion on the metal surface already partly covered will, hydrogen atoms.

Inc next step is the discharge of the interm.... ale complex:
/ H\

H20 (  +) M - e  =  H2 +  H20 -j M (19.40)

since the intermediate complex corresponds to an adsorbed molecular 
ydrogen ion. Al this last stage, the addition of an electron is accom

panied by the rupture of the bonds in the complex and by the forma- 
lon of a hydrogen molecule, which is desorbed and removed from 

the electrode-electrolyte interface. The bond rupture in (he inter
mediate complex and the strengthening of the bonds between the 
hydrogen atoms is associated with a radical intramolecular rearran
gement and requires considerable activation energy. Therefore 
this step may be regarded as slow and determining the rate of the 
overall hydrogen-evolution process.

The Horuiti theory lakes into account the degree of surface coverage 
with hydrogen atoms and ion-molecules and also the character of 
interaction between adsorbed particles. In the simplest case the 
equations derived by Horuiti transform into Tafel’s formula.

19.0.2. THE CHEMICAL (REACTION) OVERPOTENTIAL 
IN HYDROGEN EVOLUTION 

Ihe assumption that the hydrogen ovcrpotcnlial is determined 
by the rate of the reaction

H0(/a +  II0(|J =  If,
1.0., is caused by the slow recombination of hydrogen atoms into 
molecules (catalytic desorption) was first suggested by Tufol in 1905
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and formed tho basis of (lie first quantitative treatment of eloctrode 
kinetics.

If the recombination is the slow step, then for the hydrogen evolu
tion reaction to proceed at a specified rale on the metal surface an 
excess of hydrogen atoms is needed compared with equilibrium 
conditions. At equilibrium, i.c., at the reversible value of the hydro
gen electrode potential, all steps of the electrode renction are in 
detailed equilibrium:

(H)

H
ii3o + r :  H ,0 td, ^  Had,

\\
(Hj)

For example, to a definite partial pressure of molecular hydrogen. 
PHj, there corresponds the equilibrium surface concentration of 
hydrogen nloms, CH(r). The usual equation for the reversible hydro
gen electrode

e =  e° +  In
F Ph\

may therefore !)e replaced with the following equation

e =  e '° - f - ^ - ln - ^ L  (19.42)
F cH(r)

which contains r.j'I(r) in place of p Hi. The rate of the recombination 
of adsorbed atoms, i, under equilibrium conditions is equal to that 
of the reverse reaction —the adsorption of hydrogen molecules from 
the gas phase with their simultaneous dissociation into atoms. t. 
The currents / and £ in this case are equal to the exchange current 
with respect to hydrogen at the recombination-dissociation step. £?.

Assuming that the rale of recombination corresponds to a bimole- 
cular reaction and the rale of the adsorption of hydrogen molecules 
(with the simultaneous dissociation and formation of adsorbed 
hydrogen atoms) is proportional to their bulk concentration ch3. 
one can write

7 =  *,c?I(0 (19.43)
and

r = V „ ,  ( 1 9 . 4 4 )

When the reaction proceeds in the cathodic direction, the rate 
of the process expressed by the quantity £c equal, by definition, to



.',32 Part Sit. The Kinetics 0/  Some Electrode Processes

may be writ ten in the form

/, -  "i -  rt (19.45)

if it is assumed Hint the rale of Iho reverse reaction does not change 
since tike concentration of molecular hydrogen in the gas phase 
remains constant. As follows from Eq. (19.4.3) the final value of 
ic. i.o., the excess of i over i or i°, can he obtained if the surface con
centration of hydrogen atoms during the cathodic process is higher 
than that corresponding to equilibrium:

CH<i) >  ^H(r)

where ckoi is the surface concentration of atomic hydrogen at a cur
rent density i. This new value of the concentration of adsorbed 
hydrogen atoms does not correspond to the pressure of gaseous mole
cular hydrogen, which remains constant. Consequently, the slow 
recombination disturbs the equilibrium between the adsorbed and 
the gaseous hydrogen. At the same time the theory of slow recom
bination postulates the retainment of equilibrium between adsorbed 
hydrogen atoms and hydrogen ions. It is Inmviore thought that 
Nornst’s formula (19.42) for the reversible Imlmeon electrode is also 
applicable to the cathodic evolution of hvdrm—n. especially when 
the deviation from the equilibrium stale is inn u,o groat. Thus, the 
hydrogen electrode potential under an externa! current may be writ
ten as

ej =  e'o +  4 £ - l n ^  (19.46)
F CH(i)

and the hydrogen overpolenlial due to U10 siuw recombination can 
be described by the equation

q =  e, — 1
RT
P (19.47)

Equation (19.47) was derived earlier as a special case of the chemi
cal overpolenlial caused by the slow occurrence of the purely chemi
cal step following the discharge act (see p. 330).

Equation (19.43) for (he rate of recombination, with account taken 
of Eq. (19.44), yields the following expression for the hydrogen over- 
potential within the framework of the slow-rccombinalion theory:

i® 1
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a =  2 .3 - g -  log*', 6 =  - 2 . 3 —̂ -

At small deviations from the equilibrium  state  when ic only sligh
tly  exceeds the exchange current tho expression

may be taken, after it  is expanded into u series, as approxim ately 
equal lo i j i ?. In this case one can write in place of Eq. (19.48):

where R r is the polarization resistance at the recombination step.
The theory of slow recombination as presented above should be 

regarded as a first approxim ation to reality. This approxim ation 
corresponds to the idealized case where the cathode surface is homo
geneous wiih respect lo energy and no interaction forces operute 
between adsorbed hydrogen atoms. In actual conditions of hydrogen 
evolution these assumptions may not be justified, in which case the 
relation between potential and current density must assume a diffe
rent form.

The theory of slow recombination was generalized in the works 
of Horuili el al. (1936-38), Kobozev el al. (1937-46), Temkin (1941) 
and other authors. According to these authors, taking into account 
the surface inhoinogcncity and the interaction forces between adsor
bed atoms leads to the appearance of a m ultiplier 1 /'P in the logarith
mic coefficient of Eq. (19.48). The factor P may be regarded as 
a quan tity  characterizing the adsorption of hydrogen atoms and 
reflecting the type of the adsorption isotherm. In the simplest case 
i t  corresponds to the exponent in Freundlich’s adsorption equation:

where c and c =  surface and bulk concentrations of a given species 
of particles, respectively 

k F =  Freundlich constant equal to the surface concen
tration  al a bulk concentration of c' — 1 

P =  exponent which depends on the nature of the 
metal and of adsorbed particles and lies between 
zero and unity .

Therefore, for m etals capable of perceptibly adsorbing hydrogen the 
expressions for Tafel constants w ithin the framework of the slow-

(19.49)

c' =  kpc f> (19.50)

28-0363
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recombination theory should be written as:

(19.51)

(19.52)

In contrast to the slow-recombination theory in its original version, 
where the coefficient b at a specified temperature is a certain constant 
equal for all metals, in this case it becomes a function of the nature 
of tho metal and may assume different values, depending on the 
value of p. This circumstance however does not affect the form of 
Eq. (19.49), which remains the same as in the original theory.

According to the slow-rccombinalion theory (he overpotential 
is independent of the solution pH [see Eq. (19.48)1. though a certain, 
very slight effect of pH associated with the dipolar nature of the 
M—H bond can be detected.

19.6. TUE NATURE OF HYDROGEN OVERPOTENTIAI.
ON DIFFERENT METALS 

Certain assumptions as to the most probable mechanism of hydro
gen evolution on different metals can be made on the basis of general 
conceptions of electrochemical kinetics concerning this particular 
electrode reaction. For example, it has been assumed that with 
increasing heal of adsorption of hydrogen atoms on the r aihodc metal 
the probability of a slow discharge diminishes and that of a slow 
recombination increases. This is associated with the different effect 
of the variation of the adsorption heat of hydrogen atoms on the rate 
of discharge and of recombination. As follows from the potential 
curves (sec Fig. 19.5), the activation energy of the discharge step 
diminishes with increasing adsorption heat. Conversely, the activa
tion energy of the recombination process increases as the bonding 
(the quantitative characteristic of which is the heal of adsorption) 
between the metal and the surface hydrogen atoms becomes stronger. 
At the same lime the increase of the adsorption heal must increase 
the surface concentration of hydrogen atoms and hence the rate of 
recombination, i.e., produce ihe reverse effect. The superposition 
of the two opposite effects may retard or accelerate Ihe recombination 
step with increasing adsorption heal, but Ihe accelerating effect 
must always be weaker than in the case of the discharge step. Though 
data on the heat of adsorption of hydrogen on metals arc scarce and 
contradictory, it can nevertheless he asserted that the heal of adsorp
tion of hydrogen on mercury, zinc and cadmium is much lower than 
on metals of the platinum and iron groups. 'Thus, the conditions on 
mercury, for example, are more favourable for a slow discharge and
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those on nickel for a slow recombination. These considerations expres
sed by Antropov in 1949 led him to the conclusion that there are two 
extreme groups of m etals with different hydrogen overpolenlial 
mechanisms. One group includes metals of the platinum  and iron 
groups possessing high adsorption capacity with respect to hydrogen. 
The recombination step on these metals must play the decisive role 
in the kinetics of the cathodic hydrogen evolution reaction. The 
other group covers mercury, lead, cadmium and other metals which 
are almost incapable of adsorbing hydrogen. For those metals the 
rate of hydrogen evolution is controlled by the discharge step. 
S im ilar views were expounded later by other researchers, e.g., 
Conway and Bockris.

Plausible assumptions can also be made as to which path predo
minates in the removal of adsorbed hydrogen atoms by using data 
on the coverage of the surface with adsorbed hydrogen atoms.

The rale of discharge depends on the hydrogen-atom concentration 
to the first power, and the rate of recombination, on the concentration 
to the second power. Therefore, for metals which adsorb hydrogen 
weakly the removal of hydrogen from their surface must be predo
m inantly accomplished by electrochemical desorption. Conversely, 
for metals of high adsorption capacity with respect to hydrogen atoms 
the most effective way is the removal of these atoms by catalytic 
recombine! ion (Frumkin).

These general inferences as to the nature of overpolenlial on vari
ous metals ere confirmed by the agreement between the most impor
tant corollaries of Ihc hydrogcn-overpolenlial theory and experimen
tal data on the kinetics of hydrogen evolution. For instance, none 
of the methods has succeeded in delecting any traces of adsorbed ato
mic hydrogen on the mercury surface in the region of potentials for 
the cathodic evolution of I I2. Hence the removal of hydrogen is not 
rale lim iting. The value of Ihc logarithmic coefficient b for mercury 
is close to 0.12. Considering that the coverage of the mercury cathode 
surface with adsorbed atomic hydrogen is negligibly small this value 
of b cannot be obtained from the slow-recombination theory. Experi
mental data  on the effect of the solution composition and pH on 
overpotenlial in hydrogen evolution on mercury are also in good 
agreement w ith the assumption of a slow discharge onto free sites 
on the cathode.

The conception of the evolution of hydrogen on mercury occurring 
by the Volmer-Heyrovsky mechanism (the slow discharge followed 
by the electrochemical desorption of hydrogen atoms) is shared at 
present by most electrochemists. It should be noted, however, that 
according to Kobozev, who denied the possibility of a slow discharge, 
the hydrogen overpotenlial on mercury is caused by an oxcess energy 
of free hydrogen atoms escaping from its surface. The emission of free 
hydrogen atoms is, in Kobozev’s opinion, the most effective mecha-

28*



Part Six. The Kinetles of Some Electrode Pr

nism of removal of hydrogen atoms from the surface of any metal 
■of low adsorption capacity with respect to hydrogen. Quantitative 
■calculations carried out by Frumkin and his colleagues do not 
support Kobozev’s views. Horuiti believes that the results of inve
stigations of the electrolytic separation of hydrogen isotopes on mer
cury are in best agreement with the assumption that hydrogen evolu
tion on mercury occurs by the electrochemical desorption mechanism 
with the slow acception of an electron by an adsorbed ion-mole- 
eule H*. ,

An inference as to the nature of the cathodic hydrogen evolution 
reaction on other metals of the second electrochemical group—lead, 
zinc, cadmium and thallium—can be made with lesser certainty. 
The majority of experimental data (low surface coverage with atomic 
hydrogen, the value of b close to 0 .12, the effect of added substances 
on the hydrogen overpotential and, finally, small exchange currents 
close in magnitude to exchange currents on mercury) point to the 
slow discharge step followed by the electrochemical desorption of 
hydrogen atoms. A marked increase in the hydrogen overpolenlial 
upon transition from a positively to a negatively charged surface 
is observed on lead, cadmium and thallium and is associated with 
tho rearrangement of the double layer, which results in the desorption 
of anions and disappearance of their activation effect on the discharge 
of positive hydroxonium ions H.,0* (see Fig. 19.1). If Ike rate of 
hydrogen evolution were controlled not by discharge but. by some 
other step, e.g. recombination, the rearrangement of the double- 
layer structure would not be able to cause such a change in the hydro
gen overpotential. Among the metals of the first electrochemical 
group platinum has been studied most thoroughly, though, because 
its hydrogen overpotential is highly sensitive io impurities, the 
reproducibility of the data obtained is not high. Undoubtedly, in the 
region of positive potentials (not very far from the reversible hydro
gen olectrode potential) the platinum surface always contains adsorbed 
hydrogen; this has been established by capacity measurements and 
by other methods. For example, the amount of adsorbed hydrogen 
can bo found for each potential value with the aid of charging curves, 
i.e., curves showing the variation of the electrode potential either 
with the quantity of electricity passed or (at a constant current) 
with time. In such coulomctric determination of the amount of hydro
gen (or any other cleclrochemically active substance) it is necessary 
that its evolution (or dissolution) proceed with a current efficiency 
of 100 per cent. All possible secondary reactions—electrorcduction 
or evolution of oxygen, cathodic reduction or anodic oxidation of 
organic substances and other impurities—must be completely exclud
ed. This can be achieved by two methods. In one of them, the current 
applied to the cell is so high that it considerably exceeds the limiting 
currents of reduction and oxidation of impurities; their harmful
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effect therefore does not reveal itself. The electrode is charged at 
a high ra te  and the charging curve is registered au tom atically , usu
ally  w ith the aid of an oscillograph. In the oilier method the dele
terious efTcct of im purities is elim inated either by using an electrode 
of large surface area (Shlygin), e.g. platinized platinum , or by con
ducting experim ents w ith a very sm all volume of the solution (Ersh- 
ler).

The charging curve for p latinum  in an acid solution is presented 
in Fig. 19.7. I t  consists of sections 1, 2. and 3  w ith different slopes.

electrode and lies in the region of most negative potentials, corre
sponds to the gradual removal of the hydrogen adsorbed by the elec
trode surface. Here the current supplied to the electrode is expended 
on charging the double layer and on ionizing adsorbed hydrogen 
atoms. The electrical capacity measured by the reciprocal of the 
slope of the e vs. q curve

C — 1te/itq
is therefore high. Section 1 is called the region of the hydrogen sheet. 
By the moment section 2 is reached the adsorbed hydrogen is comple
tely removed from the electrode surface and the current is now spent 
exclusively on charging the double layer. Owing to this the capacity 
falls and section 2 —the region of the ionic double layer— lias a sleeper 
slope. At the point, whore section 3 originates the potential a tta in s 
a value at which the form ation of oxygen becomes possible. This 
section represents the region of tho oxygen sheet and here the current 
is again consumed to charge the double layer and to effect the electro-
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chemical reaction, which increases the capacity (the slope becomes 
less sleep). In this particular case the electrochemical reaction is the 
anodic formation of oxygen. The amount of adsorbed hydrogen 
(or oxygen) at cacli given value of potential can be calculated with 
the aid of charging curves from the quantity of electricity required 
for the potential to be shifted from the transition point between 
sections 2 and 1 (or 2 and 3, respectively) to the value chosen.

In the region of potentials lying on section 1 near section 2. when 
a cathodic current pulse is imposed the hydrogen ions may be dischar
ged to form adsorbed hydrogen atoms. The formation of molecular 
hydrogen and its evolution as a gas is excluded since the potentials 
here arc more positive than the equilibrium potential of the hydrogen 
electrode in a given solution.

When experiments are conducted in the atmosphere of an inert 
gas, then on application of an anodic current pulse the only anodic 
process will be the ionization of adsorbed hydrogen, which goes 
into solution. Thus, this region of potentials corresponds only to the 
discharge (in the case of a cathodic pulse) or ionization step (on appli
cation of an anodic pulse), which permits investigating the kinetics 
of just one step without the complicating effects associated with 
the recombination or dissociation of hydrogen molecules. ISy studying 
the dependence of the double-layer capacity and the oluni-- rr-istance 
(equivalent to the retardation of the discharge step) on the frequency 
of the applied current in this region of potentials Doha. I rsliler, 
and Frumkin succeeded in measuring the rale of the discharge step 
directly for the first time. Parallel polarization measurements at 
small deviations fro... the equilibrium potential when the ovorpolei.- 
tial is still linearly dependent on the current density have made it 
possible to determine the rale of the o\ era l’r°ccss ‘'" l '"‘>l ■' c
it with the rale of the discharge step. It has 1 * «*“ ’ll> "
the discharge step variation of the overall
so ution composttion si1,1 " ^  rCaclion. At the same lime the rale 
rale of the hydrogen 7 °l l' ° |iaI1 lho overall rale (27 limes higher 
of discharge is always 1 igher l H limes in solutions of sodium
in solutions of hydrochlor c ^  sl pr0CCC(,s al n lhlilc ralc. it 
hydroxide). I hough the disc B of hv(,rogcI1 evoiu(ion on a smooth
does not determine the ovcrai (he limiling or slow step (rds).
platinum electrode and i» measurement, the value of b for

According to the most ace m a,)oul Q w|lieh a|so ioslifies 
hydrogen evolution on plan f l  purely electrochemical slop since the 
against the slow occurrence o • ^  canno( excec(| linity. On evolution 
value of the transfer coefficj*' 's |.oIcliiomctric number v is equal to 
of hydrogen on platinum , ,v"iili the theory of slow recombination, 
unity. This value is in accorc ^ platinum is independent of pH 
That the hydrogen ovcrpolen i)ai),|ity  0f the slow recombination, 
also points to the greater I>
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Finally, for platinum  a liniiLing current, of nondiHusional origin 
is observed, which is possible only when the recombination step 
is slow.

This conclusion seems to be in contradiction with the shape of 
a polarization curve obtained for hydrogen evolution from acid 
solutions. As seen from Fig. 19.1, the e vs. log t curve for platinum 
consists of two portions with different values of the constants a and b. 
In the lower portion the coefficient b is equal to 0.03, and in the upper 
one it is about 0.12. But, in contrast to the sim ilar curve for lead, 
the sharp change of the overpolenlial cannot be ascribed here to the 
recharging of the surface since the null point of platinum (me*
=  0.2 V) is more positive than the equilibrium potential of the hydro
gen electrode. I t  is supposed that in the region of the lower branch 
of the polarization curve the source of hydrogen is hydroxonium 
ions, the discharge of which occurs more readily than the recombi
nation of hydrogen atoms. In the region of the upper branch it is 
water molecules that are discharged, which requires a larger amount 
of activation energy, and in this case the discharge step runs slow. 
Transition Irom the lower to the upper branch is observed when the 
lim iting current for hydroxonium ions is reached.

Thus, most of the experimental data on the cathodic evolution 
of hydrogen on platinum indicate that the most probable cause 
for the appearance of an overpotential is the slow recombination 
step. At the same lime there are grounds for staling that when pla
tinum  is poisoned (or when its potential deviates considerably from 
the equilibrium value), the mechanism of electrolytic hydrogen 
evolution may change and the discharge or electrochemical desorp
tion may become the slow step. Considering (hat the surface of a 
smooth platinum electrodo is inhomogeneous it is not improbable 
that the hydrogen evolution reaction proceeds differently on its 
different areas. On spongy or platinized platinum, because of its 
high catalytic activity  the deviation of the potential observed when 
the current is switched on is probably caused by the slow removal 
of molecular hydrogen from the solution adjacent to the electrode.

Palladium resembles platinum in many respects in its behaviour 
during the electrochemical evolution of hydrogen, experim ental data 
on exchange currents and on the slope of Tafel lines point to the 
slow recombination step as a probable cause for the appearance of 
the hydrogen overpolenlial. That the slow recombination step 
on palladium electrodes is possible was proved by Kobozev anil 
Monblanova (1935). They used a thin palladium membrane one 
side of which, the polarization side, was always in contact with the 
solution and could be polarized by an external current, and the other, 
the diffusion side, was in contact with the gas phase or solution 
(Fig. 19.8). When a cathodic current is applied to the polarization 
side of the membrane and the potential is displaced in the negative



440 Part Six. The Kinetics of Some Electrode Processes

direction, hydrogen evolves first only on the polarization side and 
Ihen on the diffusion side as well. Simultaneously tho potential 
of the diffusion side also becomes more negative. Such a transfer 
of hydrogen and of the ovcrpotonlial from the polarization to the 
diffusion side is possible only in those cases where the atomic 
hydrogen formed during discharge has no lime to leave the electrode 
surface. Its concentration increases as compared with the equili
brium value and it begins to permeate into the palladium electrode, 

reaching the diffusion side 
of the membrane. The appea
rance of excess hydrogen on 
the diffusion side shifts its 
potential in the negative dire

ction. which also testifies to 
theslow recombination. Accor
ding to Frumkin. however, 
the hydrogen ovcrpotonlial on 
palladium cannot be attribu
ted to tbe slow recombination 
alone. If the membrane is 
polarized to a constant pote
ntial by a small current and 
the current is then switched 
off, different potential-decay 
curves will be obtained for 
the two sides of the membra
ne. On the polarization side, 
immediately after the current 
is switched off the overpoten
tial first falls abruptly and 
then decreases much slower.
On the diffusion side, only 

the second section appears, i.e.; after the current is switched off 
the potential is gradually displaced to its equilibrium value in 
a given solution. The rapid fall of the overpotential is ascribed to 
the slow discharge, and the gradual fall to the removal of excess 
hydrogen.

Still more obscure is the mechanism of hydrogen evolution on 
metals of the iron group. It has been found that under the conditions 
of cathodic polarization an excess amount of adsorbed hydrogen 
accumulates on the surface of these metals. This follows, for example, 
from experiments on electrodiffusion of hydrogen through iron, which 
have yielded almost the same results as those obtained for palladium. 
The slope of Tafel constant b for metals of the iron group is close to 0.12, 
which is indicative of the slow discharge step. Tho same value howe
ver can also be obtained from the theory of slow recombination at the
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coverage of the surface with adsorbed hydrogen atoms observed on 
metals of the iron group. For hydrogen evolution on nickel it has been 
found that the overpolonlial depends on the pH value. All a ttem pts 
to explain the character of this dependence by the slow occurrence 
of the discharge or the recombination step have failed. I'he higher 
probability of the recombination step running slow is borne out by 
data on the hydrogen isotopic separation factor and also by the ten
dency toward the appearance of a nondiffusional lim iting current 
in nickel electrodes. F o rm elalso f this group the most likely assump
tion is tha t several steps—discharge, recombination and. perhaps, 
electrochemical desorption—proceed at almost the same rate. Depend
ing on the conditions any one of these steps can be rate determining, 
and thus the hydrogen evolution reaction will be forced to proceed 
by one of the mechanisms considered above. Here, as with m etals 
of the platinum  group, the nature of the hydrogen overpolential 
may be different on different sites of the cathode.



CHAPTER 20  

The Kinetics of the Oxygen 
Evolution Reaction

20.t. GENERAL DESCRIPTION OF THE PROCESS 

Tlic oxygen evolution reaction may proceed by different paths 
depending on the composition of the solution subjected to electrolysis. 
In the electrolysis of alkaline solutions the most probable source 
of anodic oxygen is hydroxyl ions. The overall reaction in the anodic 
evolution of oxygen in alkaline solutions is the discharge of hydroxyl 
ions according to

40H - =  0 2 +  2H20  r  4c (20.1)
In acid solutions, in which the concentration of Oil ions is loo 

low for the anodic evolution of oxygen to proceed at the required 
rate, water molecules are discharged

211,0  =  0 , -r 4II+ -  \e (20.2)

In neutral salt solutions oxygen can be produced by the discharge 
of either hydroxyl ions or water molecules. Of these tv.-o reactions 
the one that consumes less energy under given conditions will predo
minate. In concentrated solutions of oxygen-containing ncids the 
oxygen evolution reaction may involve anions of an acid, at least at 
high current densities. The existence of this mechanism was proved 
by Gerovich and coworkers (1957) in experiments on the electrolysis 
of concentrated solutions of perchloric and sulphuric acids tagged 
with the heavy oxygen isotope 180. At high current densities the 
oxygen evolved on platinum contains this isotope. Since the isotopic 
exchange of oxygen between acid anions and water molecules in solu
tion is practically impossible, the appearance of the heavy oxygen 
isotope in the evolving gas should wholly be ascribed to the partici
pation of anions in the anodic formation of oxygen. In the case of 
sulphuric acid, oxygen evolution may take place by the direct parti
cipation of anions. Oxygen evolves here as a result of the discharge 
of sulphate ions. c.g.. according to the reaction

2SOJ- =  2S03 -f 0-. -f \e  (20.3)

followed by the recovery of SO;- ions

2SOj +  211,0 =  2SO;- -I- 4II* (20.4)
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In the ease of perchloric acid, considering that perchlorate ions are 
incapable of discharging, other factors are responsible for tbe appea
rance of the isotope 180  in the gas phase. I t  is possible that here iso
topic exchange lakes place between the oxygen-lagged adsorbed 
anions and the surface oxides of platinum , these oxides decomposing 
to evolve oxygen containing the heavy isotope. This mechanism is 
also possible in the electrolysis of su lphuric acid solutions. In either 
case, however, (he overall anodic oxygen evolution reaction proceeds 
according to scheme (20.2).

Oxygen is always evolved at potentials more positive than the 
potential of the reversible oxygen electrode under given conditions. 
Here the difference between the electrode potential under an external 
current and the equilibrium  potential of an oxygen electrode is iden
tified with activation  polarization and is called the oxygen overpoten
tial;

qox =  e, -  e r (20.5)

Further in the tex t the oxygen overpolcntial will be denoted by q, 
the subscript being om itted.

20.2. EXPERIMENTAL DATA ON OXYGEN 
OVERPOTENTIAL

Theoretically and practically , the anodic evolution of oxygen 
is nearly as im portan t as the cathodic hydrogen-evolution reaction. 
The two reactions constitu te  the process of electrolytic decomposition 
of water:

211,0 =  2 If , +  O, (20.6)

The oxygen overpotenlial represents a considerable fraction of the 
total overpolcntial in a cell for electrolysis of water and affects the 
consumption of electric power in the industrial electrolytic produc
tion of hydrogen and oxygen. The oxygen evolution reaction plays 
an im portan t role in practically  all anodic processes in the electrolysis 
of aqueous solutions and, prim arily , in electrolytic reactions of 
oxidation of inorganic and organic substances. The mechanism of the 
oxygen evolution reaction however has not yet been fully clarified.

The lack of reliable data  on oxygen overpotential is due to the 
complexity of the process of anodic oxygen evolution and by the 
inevitable occurrence of side and secondary reactions. I t  should 
first be recalled th a t it is extrem ely difficult to set up a reversible 
oxygen electrode under experim ental conditions and hence the quan
tity  e r occurring in Eq. (20.5) is not determined by experim ent. 
It is usually calculated theoretically . For gaseous oxygen to be evol
ved from acidic solutions it is necessary that the anode potential 
be more positive than the equilibrium  potential of the oxygen elec-
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I rode (+1.23 V nl ah+ — 1 and 25°C) by ihe value of oxygon over- 
potenlial corresponding to a given current density. But even before 
this potential is reached most metals become thermodynamically 
unstable and, instead of tlie oxygen evolution reaction, tiicro occurs 
the process of their anodic dissolution or oxidation. The kinetics of 
oxygen evolution from acid mediums can therefore be studied only 
by using metals of the platinum group and gold (the standard poten
tials of which aro more positive than Ihe potential of an oxygen 
electrode) and also some other metals protected against dissolution 
in acid solutions by stable surface oxides. In alkaline solutions, in 
which the equilibrium oxygen potential is less positive (at n0n- =  I 
and 25 C it is about -f- 0.41 V), metals of the iron group, cadmium 
and some other metals are also used as the anode. It has been found 
that under tho conditions of oxygen evolution the surface of all 
metals, including platinum and gold, is oxidized to a greater or les
ser degree and therefore oxygen usually evolves not ”>n the metal 
itself but on its oxides.

The oxygen overpolcnlial has been found to vary with lime at 
a given current density. As a rule, it increases with l ime, gradually 
for some metals (iron, platinum) and jumpwise for others (lead, 
copper). The overpotcnlial is commonly taken to mean ils steady- 
stale value. It evidently corresponds to the evolution of oxygon at the 
surface of an oxide stable in a given range of potentials. Curves 
of e vs. log i or q vs. log i obtained for oxygen evolution often show 
one or more inflections indicating abrupt changes in the kinetics 
of the process. Examples of such curves portaining to oxygen evolu
tion on lend and nickel anodes are shown in Fig. 20.1. On I hose curves, 
just as in the case of curves obtained for other electrodes, one or more 
sections can still be picked out where the overpotential is linearly 
dependent on the logarithm of the current density and obeys Tafcl’s 
equation:

q =  a +  b log i

The constants a and b depend on the electrode material, tempera
ture, the solution composition and current density. This complicates 
the comparison of metals by their oxygen overpotenlial. The bulk 
of experimental data indicates that in Ihe region of mean current 
densities (of the order of 10"3 A/cm2) the overpotential associated 
with the evolution of oxygen from alkaline solutions increases in 
approximately the following sequence:

Co, Fe, Ni, Cd, Pb, Pd, Au, Pt

The dependence of the overpotcnlial on the electrode material is seen 
here quite distinctly. For example, at one and the same current 
density equal to i mA/cm2 the oxygen overpolcntial increases bv 
more than 0.7 V with a change from cobalt anodes to platinum ones.
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Some data  illu stra ting  the dependence of the oxygen overpolential 
on the type of the metal are presented in Table 20.1.

Fig. 20.1. Polarization curves for oxygon evolution on nickel (/) and lead (2)

The relation between the oxygen overpolential and the solution 
composition and tem perature has been system atically studied but

TABLE 20.1
The Effect of Electrode Material and Solution Composition 

on Oxygen Overpotential

Metal Solution Current density. 
A/cm2 -

p i 0.005-0.05A H2S04 25 10-7-10-* 3I2RT/F 0.95
p t O.i/V h *s o 4 35 10-7-10-2 2RT/F 1.0S
p t 0.1 A NaOH 25 RTIF
Au 0.1-1 .0A H.SO4 25 3x10-2-10-2 3I\RT!F 0.99
Au 0.1.V NaOH 25 R T F
Pb 3 .8 A HjSOj 30 2 RT'F 1.10
Pt, PbO,(ct) 4.4 A H ,S04 31.8 10-1-2x10-2 3/4 RT,F
Pt, PbOj (6) 4 .4 A I12S04 31.8 7 x  10-2-2 x  10-2 2RT/F
Ni 7 .5 A KOH 25 5 x l0 -« - t0 -2 12 RT'F
Ni 7 .5A KOH 25 10-2-5 x  10-2 3 R T F 1.30
Ni 7.5A  KOH 25 5 x 1 0 -2 -3 x 1 0 - ' RT'F 1 .OS
Fc pH 2 - 0 3 X 10-1-10-1 \ .2RT F O.ldi
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for a limited number of metals. According to the data obtained by 
lzgaryshev and coworkers (1953) the increase of the concentration 
of sulphuric acid from 36 to 1759 g'lilre considerably increases the 
oxygen ovcrpotenlial on platinum. For instance, at 20°C and a cur
rent density of 1 X 10' 2 .Vcm2 the ovcrpotenlial increases by more 
Ilian IV. A rise in temperature lowers the ovcrpotenlial over the 
entire concentration range indicated. Here not only the constant a 
decreases but also the slope 5 of the Tafel line. According to the 
measurements carried out by Bowden (1930). who used dilute solu
tions of sulphuric acid, the rise of temperature lowers the oxygen 
ovcrpotenlial on platinum owing to the decrease of a; conversely, 
the slope of scmilognrilhmic straight lines increases. At a specified 
temperature the slope is a function of the acid concentration, increas
ing parallel with it. In concentrated solutions of sulphuric acid the 
slope reaches 0.36. The oxygen overpolential is also affected by the 
presence in solution of foreign cations and fluorides, the addition 
of which increases the oxygen ovcrpotenlial. Conversely, the over- 
potential at a gold electrode depends neither on the solution pH 
nor on tho addition of extraneous salts.

At potentials close to the zero-charge potential of oxidized lead 
the oxygen overpolential remains almost constant with varying 
sulphuric acid concentration. At small positive charges on the surface 
of a lead anode the ovcrpotenlial is found to fall slightly with increas
ing acid concentration; when the positive charge increases, (he oppo
site effect is observed.

The behaviour of nickel electrodes during oxygen evolution from 
alkaline solutions largely depends on the degree of their oxidation. 
The oxygen overpolential measured on oxidized nickel electrodes 
is given by the equation

il =  « -i- b, log / -  6, log [OH -1 (20.7)
where b. and b» may assume values of 0.027-0.088 and 0.0d6-0.0S6, 
respectively, depending on the degree of oxidation.

20.3. THE POSSIBLE MECHANISM 
OF THE ANODIC. OXYGEN EVOLUTION REACTION

F.lucidation of the kinetic mechanism of the oxygen evolution 
reaction at an anode is a formidable task, associated not only with 
considerable experimental difficulties but also with the great number 
of theoretically possible reaction paths. The electrolytic oxygen evolu
tion reaction involves not two. as in hydrogen evolution, but four 
electrons, no matter whether il takes place in acidic, neutral or alka
line solutions. This leads to the appearance of several electrochemical 
steps, each of which can determine the rate of the overall anodic 
process. Besides, in oxygen evolution one has to reckon with the
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p o ss ib ility  o l th e  recom bination  and electrochoinical-dosorplion 
stops proceed ing  a t a slow  ra le . F inally , since the evolution of oxygen 
u sua lly  occurs on the  surface  of a m etal the degree of oxidation of 
which depends on tho po te n tia l and elec trolysis tim e, the form ation 
and decom position  o l oxides m ay also afTccl the k ine tic s of th is  
process. T here ex is ts  an opin ion  first expressed by Foerster (1909), 
acco rd ing  to w hich the  anod ic  evo lu tion  of oxygen in a ll cases pro
ceeds on ly  v ia  the  fo rm atio n  of in te rm ed ia te  unstab le  oxides. The 
tran s fo rm a tio n  of these  in to  s ta b le  oxides (or to  the s ta te  of the 

in i t ia l  m e ta l w ith  (he s im u lta n eo u s  loss of oxygen evolved as a gas) 
con tro ls  th e  k in e tic s  of the  ove ra ll e lec trode  reaction . T hus, the 
a p p ea ra n ce  of an  oxygen o v e rp o le n lia ls  is due  to a num ber of fac tors 
and m a y  be a ssocia ted  w ith  th e  slow  r a le  of one of the  follow ing  steps: 
d isc h arg e  of h y d ro x y l io n s or w a te r  m olecu les; recom bina tion  
of oxygen  a to m s; e lec tro ch e m ic al deso rp tio n  of h y d roxy l rad ica ls  
Oil: fo rm a tio n  an d  d ecom position  of u n s ta b le  in te rm e d ia te  oxides 
of Ihe e lec tro d e  m e ta l .

A'arions k inetic mechanisms o l the oxygen evolution reaction have 
been proposed , based on different assumptions as to Ihe probable 
nature ol Die slowest slop in the overall process. Some of these reac
tion mechanisms are given in Table 20.2. They all refer to the case 
of oxygen evolution from alkaline solutions and therefore the first 
step jn each m echanism is the discharge of hydroxyl ions. These 
ions are discharged to yield hydroxyl radicals (mechanisms I, 11 and 
IV ) or a sur/nre  hydrated  oxide of Ihe anode metal (mechanism 111). 
'Table 20.2  does not cover all the possible paths of the oxygen evolu-

TABLE 20.2
Some Possible Mechanisms of Oxygen Evolution from 

A lkaline Solutions

I II

f . 2 0 H -  =  2011 + 2c f .  2 0 H - =  20II-j-2e
2. 2011 +  2 0 1 1 -=  2 0 -  +  2H20 2. 2 0 H -f- 2 0 H~ =  2 0 “ -f- 2H«0
3. 20~ — 2 0  +  2e 3. 20 --i-2 M 0 x =  2M 0a:+, +  2c
4 . 2 0  =  0.. 4. 2M0*+1 =  2M0X -f- 0«

IH IV

1 . 20H~ —20H-|- 2e
2. 20H -r2 0 H - =  2H„0j
3. 2H.Oj =  OS- +  2H.O
4. 0S" =  0.-f-‘2e

1. 4 OH" M =  4M0H +  4e
2. 4M0II =  2M0 +  2M-f2H„0
3. 2M0 =  2 M + 0 .
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lion reaction. For instance the first slop of the process may be visua
lized in a different way from that given in ihe table. I t  may be assu
med, for example, that hydroxyl ions are discharged to yield not 
hydroxyl radicals or hydrated oxides hut atomic oxygen or an unstab
le surface oxide according to the equations

20H - =  0  +  H20  +  2e (20.8)
and

20H - +  MO, =  MOI+1 +  H20  +  2e (20.9)

respectively.
In spite of its incompleteness, Table 20.2 correctly reflects the 

basic conceptions of possible steps involved in the electrolytic oxygen 
evolution reaction. According to mechanism I molecular oxygen 
results from the recombination of its oxygen atoms formed in the 
discharge of univalent oxygen ions O- , and according to mechanism 
II, from the decomposition of a higher unstable oxide MO,.n formed 
from a lower stable oxide MO, after the ions O" are discharged on it. 
Mechanism III excludes the participation of any charged particles, 
except hydroxyl ions, in the electrode reaction. Here the oxygen 
evolution reaction involves intermediate steps—the formation and 
decomposition of oxide hydrates and metal oxides. 1 n mechanism IV 
the direct source of oxygen is its ion-molecules ()'i~ formed from 
hydrated ions Ol~ ^HLO after the water molecules are lost. These 
hydrated oxygon ions may be regarded as negatively charged molecu
les of hydrogen peroxide H20~ which serve as an intermediate link 
in the anodic oxygen evolution process.

Any step in each of these mechanisms may run slow and determine 
the rate of the overall reaction. To make a choice from these theore
tically possible cases and to find out the actual cause of Ihe oxygen 
ovcrpolcntial one should resort to criteria following from the general 
theory of electrode kinetics. One such criterion may be the slope 
of semilogarilhmic straight lines. As follows from Table 20.1. the 
slope 6 in oxygen evolution varies within wide limits, assuming the 
following values depending on the anode material and solution com
position:

1/26®, 3/46® . 6®, 3/26®, 26® and 36® ( 6®= 2.303— )

If. by analogy with hydrogen evolution, one assumes that the trans
fer coefficient a  is close to O.o, then the slow discharge of hydroxyl 
ions (steps 1-1, II-l, III-l, and IV-1) must give a slope equal to 
26°. The slow' occurrence of any other step will result in a smaller 
slope. For instance, if the rale of the overall process is limited by 
step IV-2, the slope must then be equal to 6°, and if steps III-2 
and III-3 are rate determining, w'e have ‘/ 2 6° and */. 6°. respectively.
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The villui'.s of b (sec Table 20.1 and Fig. 20.1) found in experimental 
studies of oxygen evolution from acid solutions on lead anodes and 
from alkaline solutions on nickel coincide with the value b — 2ft0 
(0.12  at room temperature), ft may therefore be supposed that the 
kinetics of the overall process is determined by the rale of purely 
electrochemical steps: the discharge of water molecules in acid solu
tions and of hydroxyl ions in alkaline solutions. The nature of the 
effect, of the solution composition on oxygen overpolcnlial in the 
two cases considered is also in accord with Frumkin’s theory of slow 
discharge. , . . . . .

At small current densities the evolution of oxygen on nickel (see 
Fig. 20.1, curve 1. lower section) is characterized by a slope corre
sponding to b =  b°, which is hardly in accord with the assumption 
of the slow discharge of hydroxyl ions. On (his section of the polari
zation curve the kinetics of the process is determined by steps 1-3. 
11-3 . or by the interaction of atomic oxygen, formed according to 
reaction (20 .8 ), with a nickel oxide:

O +  Ni20 3 =  Ni20 4 =  2NiO* (20 .10)
In the case of oxygen evolution from an alkaline solution on plati
num or gold the most probable rale-determining step must be step 
IV-2 .

I t should however be borne in mind that all these inferences are 
hut assumptions. The slope b cannot be taken as a sufficient criterion 
to decide in favour of one or the other mechanism. Moreover, in such 
a complex process as the electrochemical evolution of oxygen there 
is alwavs a possibility of the parallel occurrence of several steps 
with sim ila r  rate constants. For instance, experimental data on oxy
gen evolution at lead agree best with the slow-discharge theory, but 
the possibilil v of slow recombination of oxygen atoms is not excluded. 
This is evidenced by the current-density variation of the concentra
tion of atomic oxygen on the surface of the lead elecrode and also 
by the change of the rale of diffusion of oxygon atoms through lead 
dioxide. Another step, which runs concomitantly with the discharge 
of hydroxyl ions and oxygen evolution, is the formation of oxides, 
whose composition depends on the current density and electrode 
potential. Thus, a theory of oxygen overpolential cannot be worked 
out without taking into account the oxidation of the anode surface. 
The formation of oxides on the anode sharply changes the kinetics 
of oxygen evolution and the oxygen overpolential. The latter not 
only varies widely in going from a pure melal surface lo an oxidized 
one but is also determined by the nature of the oxides themselves. 
Thus, from the data of Table 20.1 it follows that when one changes 
from the p- to the a-modification of lead dioxide the Tafel constant 
a falls by more than 0.4V and the slope b decreases from 2b° to /; b ; 
this points to a change in the kinetics of the reaction mechanism.
29-0303



Similar results have been obtained in studies of oxygen evolution 
at nickel; it was found that the overpotential sharply rises when 
Ni20 3 is converted to Ni20 4. The transition from the lower portion 
of curve 1 in Fig. 20.1 to the upper one should be attributed to the 
increase of the content of the higher nickel oxide in the surface layer. 
Thus, the overpotential of oxygen and the kinetics of its evolution 
may vary depending on the chemical composition of the surface
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Fig. 20.2. Probnblo distribution of the potential drop in the electric double 
layer at the oxidized metul-solution interface:

—gt ■“ potential drop In the metal-oxide layer; gt—g  ̂»  potential drop between the oxide 
surface and the bulk of the solution; «xi—«L = l0,al potential <ln.p of the metal-solution 
potential; Ijj and !d arc the thicknesses of the Helmholtz and dlHuac parts of the double 

layer, respectively

oxide; if the composition is constant throughout. !lie process, they 
may vary according to the ratio of different cry.slallocheinical modi
fications in the oxide. This also affects polarization curves.

The appearance of an oxide on the metal surface alters the double- 
layer structure. In this case the double layer can no longer he repre
sented by the simple Stern model, which was used in developing 
the theory of hydrogen overpotenlial. According to Gohr and Lange 
(1958), the electric double layer in the oxygen evolution reaction 
should be pictured as shown in Fig. 20.2. To the potential drop in 
the Helmholtz and diffuse parts of the double layer, included in the 
Stern model, is added the potential drop in the oxide layer. The 
latter term is often disregarded since the surface metal oxides, on 
which oxygen evolution is studied, possess high electronic conduc
tance. What is more important is that the Helmholtz region of the 
double layer begins in this case not from the bare surface of the metal 
but from the surface of its oxide, whose properties are different from 
those of the metal. In particular, the oxidation of the metal shifts
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th e  charge-free potential of the electrode surface to the positive 
side. For example, the null point of pure lead is — 0.7 V and that 
of lead covered with its dioxide is about -j-1.8V. The appearance 
of a horizontal section on curve 2 (Fig. 20.1) is probably due preci
sely to the transition through the null point of Pb, P b 0 2 and to the 
corresponding change in the rale of discharge of water molecules 
The formation of platinum oxides and the related change of its null 
point and hence of the charge on the surface may he regarded as one 
of the causes for the appearance of inflections on polarization curves 
corresponding to oxygen evolution on platinum. The possibilitv 
of the anode surface being recharged during the fo rm a tio n ^ ! ! ! •, 
(or (luring Ihe clung, ot .heir . .u p o n i , ,* ,  J l S  b7  , 1 “  J ,"  
account when examining data on the effect of the so lu tio n fw  ° 
also of extraneous ions and surface-active substances on in" .P-^ a" d 
of oxygen evolution; it should also be reckoned with in 6 ^ e,ics 
the anodic oxidation of inorganic and organic snivf. St,lldying 
case experimental data can hardly be interpreted in *?LCeS‘ ^ i s  
as was done in studying the same effects on pure « V ,  Sam° way 
by assuming that the doube-layer s t r u c t u r e ^ ? " 1?’ ^

‘^creases. If *>!e llie rearrangement ofC[?ase >» the SuPv;entralioK 
®°ncentralion electrostatic aclsorn.; double lnvI>Phuric acid 
NvUh ih0 incre*' ,i(l be expected i0 r , ,  °n of - n . l , u r associate,

f*CidI)0,en" 1'L  cf,,5of the surface ox id l?nd. p r i n ' l0.ns of Su,d,JP of 
'n  bc.,iO«> i r i c  acid con'c d® J a y e t f j ^ l y .  by . ‘’'"T ie

S \i'gl
6



CHAPTER 21 

The Kinetics of Electrochemical Reduction 
and  Oxidation

21.1. GENERAL DESCRIPTION OF REDOX REACTIONS

Electrochemical reduclion and oxidation reactions cover a wide 
range of processes, from the simplest ion-recharge reaction to com
plex transformations forming llie basis of organic electrosynlhesis. 
Electrochemical reduction and oxidation reactions are used in indu
strial production of hydrogen peroxide, manganese dioxide, potas
sium permanganate, sodium hydrosulphite, p-aminophcnol, adipo- 
nitrilc, salicylaldehydc and a number of other compounds. These 
processes lie at the basis of the operation of most chemical sources 
of current.

Polarization in redox reactions may be defined as the difference 
between the electrode potential in the presence of an external current 
and its equilibrium value:

ilR =  ne,- — n£r (21.1)
When determining the redox polarization from Eq. (21.1) the fol
lowing points must be taken into account.

In reduction-oxidation processes the diffusion overpotential is 
usually high and often constitutes a considerable, and sometimes 
even the major, part of the total deviation of the electrode potential. 
As the role of concentration overpolenlial in redox processes has 
already been discussed, we will be concerned here only with the chemi
cal and electrochemical overpolenlials. I t is assumed that the diflu 
sion overpolenlial is either taken into account or eliminated.

For most reduction-oxidation reactions (particularly those with 
the participation of complex organic substances) the equilibrium 
potential is not directly measurable. Unlike the oxygen electrode 
potential, it docs not always lend itself to calculation cither. There
fore. to characterize the kinetics of redox reactions the value of 
electrode potential set up by an external current is often used instead 
of the polarization.

Any electrochemical reduction (or oxidation) process taking place 
in aqueous solution is accompanied by a secondary hydrogen (or 
oxygen) evolution reaction. The distribution of current between 
these two competing reactions depends on the corresponding poten
tial at a given current density. Therefore, apart from the magnitude 
of polarization, one also makes use of the so-called depolarization
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Aen to describe a redox reaction. This quantity is defined as the 
difference between the potential of the corresponding redox process 
and the potential of hydrogen (oxygen) evolution under comparable 
conditions and a t the same current density:

AH«n =  n®i — iie< (-21-2)

Ac8h =  n^i — o6( ' .- ‘ ••V
The concept of depolarization was first introduced in connection 
with the fact that elcctrorcduclion was thought to be unfeasible in the 
absence of active hydrogen just as electrolytic oxidation was consi
dered impossible w ithout active oxygen. The binding of these active 
forms of hydrogen and oxygen with the aid of a suitable substance 
would inevitably decrease, the absolute value of potential under 
such conditions.* i.e., cause depolarization. Substances capable of 
binding hydrogen (or oxygen) were termed depolarizers. This concept 
of the nature of redox reactions is now obsolete and has already been 
abandoned by most scientists, and the term “depolarization-' !.as lost 
its original meaning. Reduction and oxidation reactions are known 
at present, which proceed at potentials higher than the potentials of 
hydrogen or oxygen evolution, i.e.. the “depolarization’- may be not 
only positive but negative. 'Lite following reaction may serve as an 
example:

2RCOO- =  R -  R -f  2C02 -f 2e
Here the anodic oxidation of anions of carbonic acids yields dimeri
zation products. These reactions were discovered in the middle of 
the nineteenth century and form the basis of Kolbc synthesis. They 
enable complex organic molecules of desired structure to be produced 
by electrolysis of solutions containing salts of corresponding carbonic 
acids. In most cases the Kolbc synthesis proceeds at potentials more 
positive than the oxygen-evolution potential at a given electrode. 
Thus, in this case the change from the oxygen-evolution reaction 
to the electrooxidalion of an organic substance is accompanied no! 
by a fall but an increase in the electrode potential, and no depolari
zation effect is observed. Nonetheless comparison of the potentials 
„e( and f,e, or ne,- and 06 j as well as determination of the depolari
zation Aen is useful in redox-reaction studies.

Apart from the steps taking place at the electrode-electrolyte 
interface, purely electrochemical transformations occurring in the 
electrolyte may also be important in an electrolytic reduction or 
oxidation reaction. Consequently, the volume of the electrolyte 
must also be regarded as a parameter to be taken into account. 
Therefore, apart from the current density t, space current density / 
is also used to characterize the conditions under which redox reac
tions occur; the space current density is the current referred to a unit 
volume (usually one litre) of the solution.
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21.2. EXPERIMENTAL DATA ON THE KINETICS 

OP ELECTROCHEMICAL REDUCTION 
AND OXIDATION REACTIONS 

A great number of inorganic and organic substances have been 
studied to determine the redox polarization under different electro
lysis conditions. Experiments have been carried out to study the 
polarization on recharging of ions of iron, manganese, thallium, 
cerium, vanadium, tin, gold, platinum, titanium , tungsten, and 
molybdenum, and complex ions of iron Fe(CN)J", Fe(CN)J', 
manganese Mn(CN)}", Mn(CN)J“ and MnOJ", \lnO " and of some 
other metals. Polarization has also been investigated for the oxida
tion and reduction of quinones and hydroquinones, nitro compounds, 
ketones and aldehydes, organic unsaturaled compounds, etc.

21.2.1. POLARIZATION AND THE PROPERTIES 
OF REACTING SUBSTANCES 

Electrode polarization in reduction-oxidation reactions is the stron
ger, the greater are the changes in the structure and composition 
of particles occurring during a reduction or oxidation reaction. For 
example, in the following ion-recharge processes:

I V  +  e =  IV  *
Fo(CN)J" +  e =  Fo(CN)J- 

MnO; +  e =  MnOJ"

whore the changes roducc to the gain or loss of one electron, the 
activation polarization is negligibly small. Its value under compa
rable conditions will be higher if two electrons instead of one parti
cipate in the roaclion, c.g.,

Tl,+ +  2e =  Tl*
Sn4* +  2e =  Sn2*

If Iho composition of the rcucting particles, ns well as the number 
of charges, changes in the courso of a rodox reaction, the activation 
polarization continues to increase. Examples are the reactions of 
rechnrgo of cerium and vanadium ions:

f’.eO2* -|- 211 * I- e =  Co’ * -f- H:0  
VO; -|- 4II* +  e =  VO2* -I- 21120  

and the oloclroroduclion of nilrobonzono

CoIIjNOj -|- 611f +  6e =  C ,H N H 2 +  2 I f :0
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and of acelone

CII3COCH3 +  2H + +  2e =  CH3CHOHCH3 

How readily the active group of an organic compound (e.g., the 
carbonyl or nitro group) will reduce depends on the nature of the 
substituents introduced into the initial molecule. Reduction proceeds 
with less polarization if electronegative substituents of the hydroxyl 
or chlorine type are added. Conversely, the reaction occurs with dif
ficulty if electropositive groups, e.g., the methyl group, are intro
duced (the rule of electronegativity formulated by Shikala and 
Tachi, 1932). ,

The course of tlie reduction is affected not only by the type of the 
substituent but also by its position in the molecule to be reduced. 
For instance, the reduction potential of nitro compounds has been 
found to shift most strongly to the positive side on addition of the 
same substituents at the ortho-position. All thesedataon the effect of 
the structure on the reduction process refer to mercury electrodes and 
have been obtained by polarographic methods. When a mercury drop
ping electrode is used, the eleclroreduction of organic substances 
proceeds with more ease with increasing dipole moments of these

21.2.2. THE EFFECT OF THE ELECTRODE MATERIAL 
AND THE ELECTRODE POTENTIAL 

The nature of an electrode and its surface area play an important 
role in the kinetics of electrochemical reduction and oxidation reac
tions; their effect is manifested especially distinctly in complex 
redox reactions. It has been found, for example, that the reduction 
of nitric acid on spongy copper yields practically only ammonia 
and when amalgamated lead is used as the electrode hydroxylamine 
is predominantly formed. At a current density of 0.24 A/cms on a cop
per cathode 98.5 per cent of current is used for the formation of ammo
nia and only 1.5 per cent is spent on producing hydroxylamine. Con
versely, when amalgamated lead is used, the current yield of ammonia 
is only 30 per cent and that of hydroxylamine amounts to 70 per cent.

Another example illustrating the effect of the electrode material 
on eleclroreduction is the reduction of acetone. This reaction produ
ces two principal end products—isopropyl alcohol CH3CHOHCH3 
and pinacol

OH
I

CH3—C—C II3

CII3— C— CII3
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\Mien a solulion of acetone in sulphuric acid is subjected to electro
lysis, the reduction process occurs a t a potential of about —0.8 V 
oil the hydrogen scale; the highest current yield of pinacol is obtained 
on lead and zinc, while on copper, nickel and silver the current is 
almost completely expended on producing isopropyl alcohol.

The effect of the electrode material is sometimes ascribed only 
to the hydrogen overpotential arising at it. Indeed, metals of high 
hydrogen overpotential often promote reduction. Besides, on such 
electrodes the potentials at which difficultly reducible substances 
can be reduced are attained more easily. In a general case, however, 
no diiecl connection exists between the hydrogen ovcrpotenliid 
on the electrode material (or the cathode potential) and its reducim- 
aclion. Moreover, some substances have been found to reduce more 
readily on cathodes of low overpotential than on those of high over
potential, where they are altogether unrcducible sometimes. Such 
selective elcctrorcduclion is widespread among organic substances 
(Antropov, 1951). Examples of selective reduction are given in 
Table 21 .1. Isolated unsaturated bonds in organic, compounds of the 
aliphatic scries and double bonds in the benzene riii" are predomi
nantly reduced on cathodes of low overpotenlial —platinum and 
nickel (particularly in the form of black and sponge). At the same 
time these bonds are practically never hydrogenated on cathodes having 
a high hydrogen overpotential such as mercury or lead. Conversely, 
polar groups—the carbonyl and carboxvl groups are reducible at 
cathodes of high hydrogen overpotenlial' and remain intact on those 
having a low overpotenlial. Exceptions are nitro and nitroso groups 
and also conjugate double and triple bonds; thev can be reduced 
practically on any cathode.

The change of the electrode potential during electrolysis affects 
electroreduction. While being shifted to the negative side, the cathode 
potential attains such a value at which reduction becomes possible1'. 
\Vith increasing negative value of the potential the rate of reduction 
increases until it reaches a certain lim iting value. At sufficiently 
negative potentials the reduction rate diminishes and the correspond
ing current density falls. This is most distinctly manifested in the 
reduction of anions, in particular, in the reduction of persulphate 
ions (Fig. 21.1).

The decrease of the reduction rate is the more pronounced, the lower 
the concentration of extraneous ions; the current begins to fall near 
the null point of mercury. When electrodes other than mercury arc 
used (platinum, copper, lead or cadmium), the i vs. e curves are 
of the same shape, the fall in the current being usually observed

11 The reduction of a number of substances containing, for example a nitro 
group, begins even at a potential which practically docs not differ from the 
steady-slate value, which is set up in the presence of such a substance without 
application of an external current.



TABLE 21.1
Selective Reduction ol Organic Compounds on Different Cathodes

Compound Reducible Jicduclng action Princlpnl^reduclion
Pt, Nl Hg. Pb

Acetaldehyde

H

- -r Ethyl alcohol

Acetylene 11 — C. =  C — 11 + - Ethylene, ethane

Acetone - c -

6
- Isopropyl alcohol, 

pinacol

Bcnzaldchyde
.Oil

^ 0 - + Benzyl alcohol

Benzoic acid
.Oil

- C< 0 - +
Bcnzaldchydc. 
benzyl alcohol

Benzoic acid
y \ /

i i
\ /

+ - Cyclohexane carboxyl-

Vinylacctylcnc H — C =  C — + - Divinvl

Oleic acid - C  =  C - - - Stearic acid

Salicylaldchydc
/OH

S o - + Sal icy 1 alcohol

Phcnylacclic acid

o
 

o
\

f - +
l’hcnylacetaldehyde

Phcnylacclic acid ( T + - Cvclohoxanol acetate

Phenol

U + - Cyclohexanol

Oxalic acid

o
 

o - + Glyoxylic acid, gly
colic acid
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at a potential close to the null point of the corresponding metal. 
The existence of such effects has also been proved for the clectrorcduc- 
tion of molecular substances and large cations.

I01 A-cm*

Fig. 21.1. Curve of electrochemical reduction of persulphate ion on a rotating 
amalgamated electrode:

(K,S|Oa] -  10-* s-cq/litre; the speed of rotation of the electrode is 3.S mm.lotions per second

21.2.3. THE EFFECT OF THE SOLUTION 
COMPOSITION

At a given electrode potential the rale of electrolytic reduction 
or oxidation usually increases with increasing concentration of 
discharging particles. This can be seen, for example, from Fig. 21.2, 
which presents data on the clcctroreduction of Irivalent manganese 
ions to bivalent ions. However such a simple relation is not always 
observed. Kinetic equations describing electrolytic reduction and 
oxidation reactions may contain concentrations of initial substances 
with exponents larger than unity, equal to zero or to a fraction. 
One such example was given on page 384, where the reduction of 
dissolved iodine to iodide was considered. In equations describing 
the kinetics of electrorcduction of organic substances the volume 
concentrations of these substances are usually raised to a fractional 
power.

The dependence of the rate of electrochemical redox reactions on 
the solution pH is influenced by the nature of the reacting substances 
involved and also by the electrode material. At a constant potential 
the rate of oxygen reduction does not depend on the pH if mercury, 
silver or gold electrodes are used. The rate of the same reaction pro-
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ceuding at P i or Pd electrodes increases with decreasing pH of the 
solution. In the elcclroreduclion of organic substances the pH of the 
solution may in certain cases affect not only the reaction rate but 
even the nature of the end products. The kinetics of redox reactions 
are also influenced by the presence of foreign substances of the ionic

~ Z

Fig. 21.2. Potential vs. current density curves for the elcclroreduclion of Mns* 
ions on a platinum electrode:

J—0.001 im.lf.litre Mn*+; S—0.01 molc/lltre Mn*+: 0 —0.00! molc/litre Mn'*: #-0.01 mole/ 
litre Mn'+

or molecular type in the solution. It has been found that the reduction 
of anions proceeds at a faster rate in the presence of polyvalent 
cations. Though the dependence of the rate of redox reactions on the 
nature of the solvent has been sludiod insufficiently, the available 
data testify to its existence.

21.3 THE THEORY OF ELECTROCHEMICAL REDUCTION 
AND OXIDATION REACTIONS

In a general case the electrochemical reduction or oxidation reac
tion consists of the following steps:

(1) the transport of reacting particles to the electrode-electrolyte 
interface;
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(2) Ihe adsorption of the particles on the elect rode surface (or 
their contact with the electrode surface) with their simultaneous or 
preliminary conversion to an active stale;

(3) (he reduction or oxidation act;
(4) the desorption of the resulting particles from the electrode 

surface with their simultaneous (or subsequent) transformation into 
the final reaction products;

(5) the removal of the reaction products from the electrode-electro
lyte interface.

The most important step is the reduction or oxidation act, which 
determines the specificity of redox reactions.

21.3.1. POSSIBLE PATHS FOR THE 
ELECTnOREDUCTION REACTION

The occurrence of eleclroreduclion reactions is associated, in our 
opinion, with the mechanism of hydrogen evolution on a given elec
trode. Depending on the type of the electrode metal and the nature 
of the particles to be reduced the reaction rale is controlled by one 
of the following steps:

(1) the addition of electrons;
(2) the addition of adsorbed hydrogen atoms;
(3) the addition of hydrogen ions activated in the discharge step. 
Accordingly, one may speak of three different reducing agents:

electrons, hydrogen atoms and hydrogen ions.
The Rate-Determining Electron Addition Step. This step corre

sponds to the slow-discharge concept and is probably realizable 
on any electrode. The discharge act involving (lie addition of one 
or two electrons often represents the overall electrochemical reaction. 
Examples are the following ion-recharge processes:

Mn3 + +  e =  Mn2 +
Fc3t +  <? =  Fe2 +
T1-* +  2e =  Tl +

MnO; -- e =  MnOJ"

The discharge step may also be rale determining in more complex 
electroreduction processes. For example, some authors believe that 
the reduction of quinone to hydroquinone proceeds stepwise:

C,H*02 +  e =  C0II.O ;
C J I .O ;  +  H + =  C J I .C U I  

C ,H *02H +  e =  C ,H « 0 2M- 

C,H*0*I-I- +  I i + =  C0H 4(O II)2
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v illi (lie addition of one electron at the first and third stages and the 
interm ediate formation of semiquinones. According to other concep
tions, this process occurs as follows

C0N,.O2 2e =  c 6n*o*-

c ,u *o*- 2H + =  0,1-14(01-1)3

involving the sim ultaneous addition of two electrons. In cither 
case, however, the addition of one or two electrons is assumed to be 
the rale-determ ining step (rds) on the basis of kinetic relationships. 
If the rale of electrolytic reduction (or oxidation) is determined 
by the electron acccplion (or donation) step, its kinetics can be 
described by Eqs. (16.67) and (16.68):

i = ? - 7 =  zF e ^ - - o n n < r  (kc0xe - az,t/I,T — kci{e< 1
I = 7 — 7 =  ((jazfn/nr _  e(i -a iifn /n r)

or. at a sufficient deviation from equilibrium, by Eqs. (16.65) and 
(16.66):

,c =  7 =  zFkcoxelaz- zl)F^ RTe - az,'"fl,T

ia = 7 =  zF kcvfi^  -zt>FVRTeU

To elucidate the nature of particles Ox directly subjected to reduc
tion or particles R taking part in the oxidation act, the concentra
tions of which are included in kinetic equations, one usually utilizes 
data on (he order of electrochemical reactions determined by Eq. 
(16.110):

or by the equation

An interesting example of the uso of these equations to identify 
the mechanism of redox reactions is provided by the cathodic reduc
tions of Irivalenl and telravalenl manganese ions:

and
Mn3+ -I- e =  Mn2H 

Mn4+ -r e =  Mn3<

(21.5)
(21.6)

Some data  pertaining to the first of these reactions are presented 
in Fig. 21.2. Curves 1 and 2 in Fig. 21.2 contain Tafel lines, for which 
Eq. (16.65) is valid:

i =  zF k c o ^ az- z^ RTe-azFt/RT (21.7)
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Al £ =  0 this equation may be written in the form1)

i =  zb1ccoxe-aiPtlRT (21.8)
or, after taking logarithms and solving for e,

e = b log zFk -f b log c0x — b log i (21 .9)

If the vulues of log i corresponding to two concentrations of Mn3* 
ions, which differ by a factor of 10 , are determined in the Tafcl 
region al e =  const, as shown in Fig. 21.2, then one has

—  »•*>
i.e., the cathodic electrochemical order of reaction (21 .5 ) with 
respect to Mn3* ions is equal to unity. Al the same lime the change 
of the concentration of Mn2* ions at a constant concentration of 
Mn3* does not affect the reaction rale al a given potential, i.e.,

v Mn!J(c) =  0 (21.11)

Similar calculations based on data of polarization measurements 
for reaction (21 .6)

Mn4* +  e =  Mn3*
have shown that

At the same lime the rate of reaction (21.6) increases with increasing 
concentration of Mn3* ions. Such a result, though parodoxical
at first sight, can be explained by assuming that reaction (21.6) 
actually consists of two steps:

Mn3+ +  e =  Mn2*
Mn2* +  Mix4* =  Mil3*

The reduciblo particles here are the Mn3* ions and the acception 
of an electron by these ions determines the kinetics of the overall 
process; the subsequent disproportionation proceeds at a faster 
rale than the discharge of manganese ions.

The Rate-Determining Addition of Hydrogen Atoms. According
to another mechanism of electroreduclion its rate is controlled 
by the addition of hydrogen atoms to the particles to be reduced.

n From Eqs. (21.8) and (21.9) it follows that when reduction occurs by the 
electronic mechanism tho rate of the cathodic reaction and the electrode poten
tial are independent of the solution pH.
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The firsl step in this case is the discharge of hydrogen ions wilh 
the formation of adsorbed hydrogen atoms

'H 30 + +  e =  Had, +  H20  (21.13)

and the second step is the interaction of these atoms with the reducible 
substance:

Had, t  Ox =  OxH (21.14)

The last step determines the rate of the overall process. For this 
step to occur it  is necessary, first, that the discharge of hydrogen 
ions proceed unhindered (or wilh more ease than the discharge 
of the particles to be reduced) and, second, that the addition of 
a hydrogen atom to a particle Ox occur more readily than the recom
bination of two hydrogen atoms. These conditions are best fulfilled 
on metals of the platinum and iron groups and also on other metals, 
on which the recombination of hydrogen atoms either is the slow 
step or proceeds at a slow rale. The accumulation of hydrogen atoms 
on the surface of these metals during cathodic polarization promotes 
the hydration reaction. Electrochemical reduction proceeding by 
this mechanism is sim ilar to the process of catalytic hydration, 
the only difference being that in the first case hydrogen atoms are 
supplied by the current and in the second by dissociation of mole
cular hydrogen on the catalyst surface. In accordance wilh the 
reaction equation (21.14), one can write the following expression 
for the reduction current density:

i =  Arjcojck (21.15)

At a considerable coverage of the electrode surface wilh adsorbed 
hydrogen it is necessary to lake into account the difference between 
its surface and bulk concentrations. Assuming that Freundlich’s 
adsorption equation

ch =  A>ch

where 0 <  P <  1. applies here, one can write in place of Eq. (21.15): 

i =  k iC'0A  (21.16)

Substituting the concentration of hydrogen atoms from the last 
equation into Nornst’s formula for the hydrogen electrode gives

e =  const +  2 L  In c„+ +  - g -  In c0* — g  In i (21.17)

The application of the thermodynamic equation of the electrode 
potential, which is commonly used to describe the equilibrium 
stale, is justified here since it has been assumed that the discharge 
step proceeds unhindered, which is equivalent to the assumption that 
hydrogen ions are still in equilibrium with hydrogen atoms when
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Ihe cutliodic current is nowing. From Fq. (21.17) it follows 
that when hydrogen atoms serve as a hydrating agent, 
the dependence of both the irreversible electrode potential and 
the potential of the reversible hydrogen electrode on the concentra
tion of hydrogen ions obeys the same law. Metals on which electro- 
reduction can be effected with the aid of adsorbed hydrogen atoms 
belong to the first electrochemical group.

The Rate-Determining Addition of Activated Hydrogen Atoms. 
The third possible path of eleclroreduclion is observed when the 
rale of the overall process is governed by the interaction between 
the hydrogen ions in the double layer and the particles to be reduced:

I-I30 + +  Ox =  O xIl+ +  I-IoO (21.18)

and when the electron addition

OxII+ +  e =  OxH (21.19)

following this interaction proceeds unhindered. The mechanism 
of eleclroreduclion in which the rate of the process is determined 
by the preliminary surface protonation of the reducible substance 
is most probable on mercury, lead, zinc and other metals with 
a high overpolenlial caused by the slow discharge of hydrogen 
ions (these metals belong to the second group). W hen hydrogen 
ions lose, during discharge, some of the water molecules forming 
their hydration sheath, they become more active. From the poten
tial curves corresponding to the discharge act it follows that the 
higher the overpolenlial on a given metal the more active the hydro
gen ions become before they arc discharged since the deviation 
of the potential by the value r| is equivalent to the decrease of the 
bond energy between the hydrogen ion and the water molecules 
by the product r|F. For metals of the first group this mechanism 
is hardly probable because hydrated ions are practically completely 
discharged on them owing to the considerable heal of adsorption 
of hydrogen and to the low activation energy of discharge. The 
concentration of hydrogen ions in the immediate vicinity of Ihe 
electrode surface may considerably exceed their concentration in Ihe 
bulk of the solution.

The discharge of hydrogen ions with the formation of adsorbed 
hydrogen atoms

II30 + +  M +  « =  M -H  +  II20  (21.20)

in the presence of reducible particles may also follow a two-step 
path and involve the formation of end products through addition 
of hydrogen to these particles. This eleclroreduclion process will 
prevail if it is kinelically more advantageous, for example, if the 
energy level of the system OxH is lower than that of the system
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Mil (Fig. 21.3). The reducible particle will here play the role of 
a “bridge" facilitating the transfer of an electron from the electrode 
to the hydrogen ion. If step (21.18) is rale limiting, then, using

Fig. 21.3. Di><-!large of hydrogen ions in the presence of a reducible organic 
substance

the slow-di i-iiiirge theory, one can write the following expression 
for the rale of surface prolonation:

f =  k,c'0 lCM e - a ^ /n r  (21.21)

Assuming the surface concentration of hydrogen ions to be pro
portional to their bulk concentration, one gels

e c o n s t+  In cH+ +  - - jr  In fc (21 .22)

In this case I he electrode potential must vary with the hydrogen- 
ion concentration according to a law different from the one which 
was valid for the equilibrium hydrogen electrode.

'I'he concept of surface prolonation as a step determining, under 
certain conditions, the rate of eleclroreduction, the probability 
of the occurrence of this step for different cathodes and also general 
equations describing its rale were discussed earlier (Antropov. 
1950-S4). Later these conceptions were substantially developed by 
other researchers, particularly by Mairanovsky. who considered 
a probable prolonation mechanism for the special case of mercury 
cathodes. He made a distinction between surfaco and bulk proto- 
nation, look into account the possibility of the change of the proto- 
nation rale due to the difference between the hydrogen-ion concentra-
:o-03G3
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lions in ihe bulk of I he solution and at ihc electrode surface and 
also derived some additional kinetic equations.

Ihe conception of the possibility of clectroreduclion proceeding 
by different paths with the rds involving different reducing agents 
(the choice of which is dictated by the nature of the slow step of 
hydrogen evolution on a given metal) permits interpretation of a large 
number of experimental data. In particular, this concept enables 
one to account for the existence of selective reduction (see Table 21.1). 
The reduction of organic substances at platinum and nickel cathodes 
is evidently accomplished at the expense of adsorbed hvdro'mn 
atoms which add on to nonpolar bonds (of the double or triple tvpc) 
between carbon atoms. Reduction at mcrcurv and lead cathodes 
proceeds at the expense of hydrogen ions which' add on more readily 
to negative polar groups (e.g., carbonyl or carboxyl groups).

The different occurrence of eleclrorcduclion on' platinum and 
mercury has been confirmed by a comparison of experimental 
results with the theoretical equalions (21 .9 ). (21.17) and (21.22). 
For example, the electroreduction of nitrobenzene and acetone 
on mercury proceeds through a surface protonation step . On platinum, 
nitrobenzene is reduced in the presence of adsorbed hvdrogen atoms, 
while acetone is not reduced at all.

Analogous results have been obtained in studies of the electro- 
reduction of oxygen. This reaction plays the cmri:il min in processes 
of metal corrosion and in the operation of cells with air depolari
zation. It has received much attention in recce! vnars in connec
tion with Ihe problem of direct conversion of e h < e n e r g v  into 
electrical power by means of fuel cells. The basic I. u .'tic  regularities 
of oxygen reduction in acidic and alkaline m edium s havo already 
been established (Tomashov, Krasilshchikov, lofa llagot-skv. and 
others). For example, it has been found that the electrorcduction 
of oxygen on mercury, silver, and gold can be dcscrilu ,! bv (he follow
ing equations

e =  const -f b log cq, -  b log i (21.23)

for acidic solutions and

e =  const +  b log co, -  6 log c0H- -  l> log i (21.24)

for alkaline solutions. Equation (21.23) coincides with Eq. (21.9) 
derived for the slow addition of one electron to a reacting particle— 
in this particular case, to an oxygen molecule

0 2 +  e =  O"

Equation (21.21) also corresponds to the slow addition of an electron, 
this time not to an oxygen molecule but to the radical HO, formed 
in the reduction reaction. The end product of the reaction is hydrogen



peroxide:
H0 2 +  e =  HO;
IIO j +  H + =  H 20 2

When platinum  or palladium electrodes are used, the kinetics 
of electroreduction is essentially different. Here, experimental data 
agree with the equation

e =  const +  b° log cu+ +  b° log cq, — b° log i (21.25)

which at P =  1 coincides with Kq. (21.17) derived under the 
assumption that the interaction of adsorbed hydrogen atoms with 
reducible particles proceeds at a slow rale. In the case of Pt or 
Pd electrodes adsorbed hydrogen atoms interact with oxygen mole
cules:

H jO + -h e  =  Harf, +  H 20  
Had* +  0 2 =  HO*

Then the radical H 0 2 undergoes transformations lending to the 
formation of hydrogen peroxide. To bring Eq. (21.17) into agreement 
with the experim entally found relation (21.25) ono must assume 
that P =  1. This assumption may be regarded as physically quite 
justifiable- The equality  |J =  1 corresponds to the direct proportiona
lity between th e  hulk and surface hydrogen concentrations, which 
is realizable :>t a low coverage of the electrode surface with adsorbed 
particles. The cathodic reduction of oxygen corresponds to this 
condition h-vause the electrode potential here is shifted to the 
positive sid e  com the potential of the rcversiblo hydrogen electrode 
to such an e- lent that the surface concentration of hydrogen atoms 
must be verv low.

The elect rot-eduction of oxygen proceeds without rupture of the 
bonds in the in itial molecule and involves the formation of hydrogen 
peroxide as an interm ediate. Conditions can be realized, however, 
under which the electrochemical reduction of oxygen will follow 
a different path —via the decomposition of its molecule into atoms 
without formation of hydrogen peroxide:

02 =  20a<h
20O(l» +  4H+ +  4e =  2H*0

The electrolytic oxidation of organic substances has been studied 
to a considerably lesser degree than the reactions of cathodic reduc
tion. It was not until recently that this field of electrochemical 
kinetics had come into focus in connection with the utilization 
of organic substances in fuel cells. The data available at present 
indicate (hat, as in electroreduction, the electrode material plays 
an im portant role in this case, too. For example, the electrolytic

30»
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oxidation of a number of organic substances, in particular lower 
alcohols, on metals of the first electrochemical group (platinum, 
nickel) proceeds by the dissociative mechanism with the splitting-off 
of hydrogen (dehydrogenation) and radical formation:

RHm =  RH(m ,1)a-s +  AHod5

Both the radical and the adsorbed hydrogen can be subjected to 
further transformations. Conversely, on metals of the second group 
the oxidation of the same substances does not proceed through 
the preliminary dehydrogenation step.

Other Paths for Electrolytic Reduction and Oxidation. The three 
versions discussed above do not cover all possible paths for redox 
reactions. The role of reducing and oxidizing agents can also he 
played by metallic ions present in solution. In this case the electrode 
process reduces to the oxidation (or reduction) of metallic ions 
variable valency, which then reduce (or oxidize) the organic sub
stance. The electrolytic oxidation of an anthracene suspension may 
be quoted as an example. When this suspension is subjected to 
electrolysis, the anodic current is almost completely consumed 
for oxygen evolution. If, however, a small amount of a cerium, 
chromium or manganese salt is added to the suspension, then, 
apart from oxygen, anlhraquinone is also formed on the anode. 
The reaction evidently proceeds as follows: the ions of a metal, 
say, cerium, are oxidized at the anode:

Ce3+ =  Ce4 + +  e

and then react with anthracene, which is thus converted into anthra- 
quinone:

6Ce4* +  +  2H,0 =  GCc3t 4- r  GII*
The cerons ions formed are again oxidized to ceric ions according 
to the first equation. Thus, here only the intermediate reaction — 
the recovery of lelravalent ceric ions—occurs as an electrochemical 
process on the electrode surface, while the oxidation of anthracene 
takes place in the bulk of the solution and is purely chemical 
reaction independent of the electrode potential. Tin- transfer of the 
reaction from the electrode surface into the bulk of the solution 
can be effected not only by introducing special substances but 
by the reactants themselves—free radicals, and other active particles 
capable of initiating a chain reaction. The oxidation reaction may 
involve the formation of intermediates, which serve as an auloca- 
talysl (Khomutov).

The concept of the electrochemical reduction and oxidation 
reactions will be substantially changed if one assumes the partici
pation of solvated electrons es in these reactions. In this case the
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primary acl of reduction is the formation of solvated electrons 
near the cathode _ _

«[M] +  L =  e,
and the primary act of oxidation, the splitting-off of an electron 
from the oxidized particle and its solvation:

R -)- L =  R* +  e.
The secondary reduction acl is the addition of the solvated electrons 
to the particles to he reduced:

Ox +  e, =  Ox- +  L 
and the secondary oxidation act is the transfer of the solvated elec
trons to the anode: _  _

es =  etMj
Further transformation of particles R + and Ox'depends on their 
nature and on the conditions of the corresponding reactions.

When solvated electrons aro involved, redox reactions are no 
longer purely heterogeneous processes taking place at the electrode- 
electrolyte interface; they now occur at a certain distance from 
it, in the bulk of the solution.

The probahilil v of such reactions taking place in the solution 
and the distance from the electrode surface must be the greatest 
in solvents, in which the lifetime of solvated electrons is maximal. 
Such process. - are of great interest to theoretical electrochemistry.

21 '  THU ROLE OF ADSORPTION PHENOMENA
IN ELECTROCHEMICAL REDOX REACTIONS 

The adsm :'<>n of reacting particles on the electrode surface 
is not a nece--nrv precondition for electrochemical redox reactions. 
However it u sua lly  plays an important role, and neglect of this 
phenomenon leaves a gap in the theory of redox reactions.

It is thought that even in the case of simple redox reactions (ion 
recharge), adsorption phenomena influence the kinetics of electrode 
processes. Indeed, during eleclroreduclion ions of higher valency 
M'1 (we will call them primary ions) are converted into ions of lower 
valency M’* (secondary ions), which are not subjected to further 
reduction under the electrolysis conditions chosen. Ions M" are 
formed at the same silo where ions MA resided previously. If the 
removal of the M" ions from the electrode surface is hampered, the 
reduction will be slowed down since the approach of reducible 
particles to the surface is made difficult and their concentration 
on the electrode surface decreases. In order to quit the electrode 
surface secondary ions have to overcome a certain barrier associated
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with the difference in their energy levels in the hulk of the solu
tion and at the interface. But since primary ions can occupy their 
site, the actual energy barrier will depend on the probability of an 
energy exchange and gain during adsorption of primary ions, i.c., 
in the long run on the potential and charge of the electrode and 
also on the concentration and nature of the ions. If the positive 
charge of primary (reducible) ions is higher than that of secondary 
ions, the shift of the potential to the negative side must be more 
favourable for adsorption of primary ions, which facilitates the 
removal of the reaction products. These conditions are realizable, 
for example, when iron ions Fe3 + and Fe2+ and thallium  ions Tl3+, 
T l+ are recharged, because the difficulties associated with the desorp
tion of Fe2+ or T l+ ions are not great in eleclrorcduclion. Conversely, 
if in elcctroreduclion the positive charge of primary ions is lower 
than that of secondary ions, then the difficulties due to the neces
sity of desorption of the latter must be considerable. This is observed, 
for example, in the reduction of Cc02+ ions to Ce3+. The greatest 
hindrances should be expected in those cases where primary ions 
are charged negatively and secondary ions positively (the reduction 
of a metavanadate ion VOj to a vanadyl ion VO'-'). These assump
tions are in agreement with the experimental data obtained in the 
recharge of iron, cerium, thallium, vanadium and molybdenum 
ions.

Adsorption phenomena assume still greater importance in the 
case of electrolytic reduction and oxidation of organic substances. 
Neglect of adsorption would make it impossible to account for 
the frequently observed seemingly fractional orb;, of the electro- 
reduction reaction. It is known that the fractional order is characte
ristic of heterogeneous catalytic processes involving adsorbed partic
les. The fractional reaction order reflects the dilferencc between 
the bulk and surface concentrations of these particles. 11 is interesting 
to note in this connection that the exponent of Urn bulk concentra
tion of acetone is found to be the same both in the kinetic equation 
describing the process of its cleclrorcduction on a mercury cathode 
and in Freundlich’s equation describing the adsorption of acetone 
on mercury. This result, coupled with the dala obtained in studies 
of the effect of pH on the kinetics of the process, has led to the 
conclusion that the cleclrorcduction of acetone on mercury in acidic 
solutions is a first-order reaction with respect to both acetone and 
hydrogen ions.

The'occurrence of an eleclroreduction reaction via the adsorption 
step is more probable and energetically more advantageous even 
in those cases when the surface coverage with depolarizer particles 
is very low.

The degree of adsorption on the surface of an electrode depends 
on its potential or, more exactly, on its charge, a circumstance
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11,01 ' " r i / Z v  Vnprin ,1 °*' 11,0 k i"*lics of clcclroreduction 
processes if they involve adsorbed particles. To find out the role 
of a surface charge in elcclrorcduclion it should be recalled bow Hie 
shape of el eel roca pi II ary curves is alTected by surface-active sub
stances. l ie highest absorbability of organic molecular substances 
is observed near the null point of mercury (see Fig. 10.2, page 250). 
When I he (lev i a I ion from ibis point is considerable, organic substan
ces arc displaced from the melal surface and cease lo affect Iho 
shape of the eleclrocapillary curve. Suppose that the potential 
al which a given snbslance is capable of undergoing reduction 
corresponds lo a certain value en marked by a vertical line in 
Fig. 10.2c. Al this potential value the surface concentration of the 
organic substance is sufficiently high, which is evidenced by the 
value of the .surface-tension decrement Act. An increase in the catho
dic potential, i.c., a rise in the overpotcnlial, reduces Act due lo 
the drop in the surface concentration of the organic substance which 
creates it. This will accordingly decrease the rale of electroreduction. 
Al still higher negative values of the potential, when the surface- 
tension decrement Act is equal lo zero, the surface concentration 
of the organic substance becomes so small that no depolarizer mole
cules are found on the electrode surface, and in their absence electro- 
reduction is naturally  impossible. Thus, not only (he values of the 
cathodic potential and the hydrogen overpotcnlial (the deviation 
of the po tential from the equilibrium value) are important for 
the process <>f clcclroreduclion but also the potential on the cor
relative scale, which characterizes the magnitude and sign of the 
charge on the metal surface.

Suppose that the clcclroreduclion of a substance on different 
metals is carried out at one and the same value of the cathodic poten
tial, say, at •-0.8V on the hydrogen scale. Mercury, lead, zinc and 
silver are used as the cathode. All these metals belong to the first elec
trochemical group and hence do not differ in the nature of Ihe reducing 
agent. But even in this case the reaction conditions on these metals 
will be different at the same cathodic potential. This is attributed 
to the difference in their charges and in Ihe degree of adsorption of 
the reducible substance. The null points (sec Table 10.5, page 278) 
of these metals arc as follows: —0.2V for mercury. —0.7V for load. 
—0.5V for zinc, and — 0.4 V for silver. At the same cathodic, poten
tial (—0.8V) Ihe potentials of these electrodes on Ihe correlative 
(reduced) scale will therefore be different. They will be equal to 
—0.8— (—0.2) =  —0.6V for mercury, - 0 . 8 -  (—0.7) =  -0 .1V  for 
lea(|, _ o .8  — (—0.5) =  —0.3V for zinc, and —0.8 — (—0.4) =  
=  —0.4V for silver. As follows from Fig. 21.4. at these values of 
the <p potential the most favourable conditions for clectrorediiclion 
are a ttained when zinc and, especially lead cathodes arc used; these 
conditions are much less favourable on mercury. The magnitude
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nLl 1  aCn C,,S101.n (lecremenl 4 °  falls precisely in this order, 
As to ,,t r  h° M,rfaC° concentralion of the reducible substance, 
elec rnr ? r Hn' h® con,lilions on U are still less favourable for 

£  '° n S,".CC iU 1116 P0lenlial cl*ose" ( - ° ' 8V) ils «P P°ton-al. winch is equal to - 0.8  -  ( 4-0 .2) =  _ 1.0V. lies bevond the 
nils of perceptible adsorption of an organic substance'). In the

electroreducl inn „r
efficiency is nl»- * a?olo,u; 1,1 an acid medium the hi-hest current 
.11 S  * , ? " " 1 1", ' “ •> —  «>». ca .l .o fc ;  i, i„ „.ucl. I«< 
surface cha™. o w n ?  !°.!<'ro 0 '' I’1*11" 1!1” - ’•’ ■o ma«nihale of He 
eloclroreductinn r ,• ,nfl,,cncc not only on the efficiency of an 
of tl»e end n ro d ,,T  n,n,,y ca?es *' also determines I lie nature
" 'ay yield two For 0Xan,I»lc, the electroreducl ion of acetone
t'onsidcrimr it. 1/ VJc.l|>al end products: isopropyl alcohol and pinacol. 
the first 1 Vs ,s n I'ral-order reaction will, res,,eel to acetone, 

I can bo represented as follows:

G1 I3 -  C -  Cl [3 +  I I =  CM, -  C -  U  I3

platinum wdf'bi electrode potential the clectrorcduction conditions on
aRcnt. aittcrcnt also because of the different nature of the reducing
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The free radicals formed can be either reduced to yield isopropyl 
alcohol:

OH Oil
I I

CH3 -  C -  CH., -f I I =  Cl I, -  C -  CI I,

or recombined to produce pinacol:

CH, CH, CII, CH,
I I  I I

IIO —C — 4- — C — OH =  HO — C — C — OH
I I  I I
CII, CH, CH, CH,

Since the rale of the formation of isopropyl alcohol depends on the 
surface concentration of radicals to the first power and that of pina
col. to the second, a measurable yield of pinacol can be obtained 
only when tie' surface concentration of free radicals is sufficiently 
high under given electroreduclion conditions. This requirement 
must be bes: fulfilled for lead cathodes, on which the current yield 
of pinacol is t he highest in fact.

On the be : : of the foregoing one can draw the following conclu
sions.

1. The coarse of electrochemical redox reactions depends not 
only on the cathodic potential (the overpolcnlial) but also on the 
charge of the metal surface, which is determined, to a first approxi
mation. by iiie value of the <p potential (the deviation of the 
electrode potential under given conditions from the null point of the 
electrode metal). Mere the overpolcnlial servos as a measure of the 
reducing or oxidizing action of the electrode under given conditions, 
and the <p potential determines the surface concentration of depola
rizer.

2. The equality  of the potentials of different electrodes does not 
yet provide identical conditions for a redox reaction since the null 
points of metals are different. Depending on the null point of the 
electrode metal used, the same value of the potential may corre
spond to different surface charges and hence to different conditions 
of depolarizer adsorption.

3. The values of the e and <p potentials combined determine not only 
the effectiveness but also the direction of the electrochemical redox 
reaction and also the most probable nature of its end products. The 
closeness of the reduction (or oxidation) potential to the null point 
of the electrode visually promotes the formation of bimoleculnr reac
tion products.
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lt. An increase in I lie cathodic potential changes I lie surface 
charge and hence the conditions of adsoplion on the cathode. Depend
ing on the nature of the depolarizer chosen, this cither accelerates 
or retards the electrochemical redox reaction. At considerable devia
tions from the null point (which implies a high value of the (p poten
tial) the surface concentration of the depolarizer becomes negligibly 
small and the elcctrorcduction may stop. Therefore, apart from 
the diffusion limiting current density, there must also exist an 
adsorption limiting current density.

These considerations expressed by Antropov in 1954 are associated 
neither with the assumption as to nature of the slow step nor with 
any special assumption concerning the nature of the forces respon
sible for the change of the depolarizer adsorbability with potential. 
They are based only on the results of purely experimental studies 
of electrocapillary phenomena and also on the concept of the cor
relative potential scale.

The effect of the charge of the electrode on adsorption and hence 
on the kinetics of elcctrorcduction can also he expressed quantita
tively, using the concept of the correlative scale and introducing 
the (p-potcntial function into the kinetic equation:

t =  k ic0le -azFt/,tT e/«r> (21.26)
The form of the function /  (<p) is governed by the law of variation 
of the surface concentration of reducible particles with deviation 
of the potential from the null point. For organic molecular sub
stances, the approximate expressions of this la - re Frumkin’s 
and Butler’s equations [Eqs. (10.39) and (10 /im .' respectively]. 
I t is these equations that were used by Antropov in 194T.=i0 in 
writing Eq (21.26) in expanded form. ua, ion' c2 i .20) is of ^on
siderable interest since it is the first kinetic fn ,n ,„l, 
from the electrode potential on the convcniim, i i - i .  1CI’ ap?rl 
contains also the electrode potential on the m rr I* .'•',t rog1en s<?a. 
is a function of the null point of a metal ? r i  hq/ o!
and Bockris and Poller (1952) proposed i’ndnn n’l \ h]elfe,s (19/ 9) 
different formulas reflecting the role of the null c ‘ on J’ S0“' e'vJ|at 
of electrode processes. Recently this nrohln 1)0111 111 l*le kinetics 
the attention of eleclrochemisls (M airano^t u"C°. “Ba,,n al,lr1ac,ed 
Delahay. and others) and was elaborated r ,. J eodoradze, Moliner, 

The effect of the charge on adsorption 111 *lcr- 
when organic molecular substances ■ revcal itself nol only
reactions. The desorption of anions occurs'C1|)a,.e in electrochemical 
to the negative side from the null point f stl11 smaller deviations 
tion of unionized particles (sec Fig. iq  2 ° nieta* '*lan l*le desorp- 
that when anions are discharged, the deer’ .PnB.e ^ 0 ). J llis s,‘ggesls 
reduction must be more pronounced and ease ln ,lle rale eleclr0" 
than in the electroreduction of organ;!.1 Can 1)0 effected more easily 

b nic molecules.
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This decay of the current was delected by Kryukova (1949) in the 
eleclrorcduction of persulphate ions. Kryukova ascribed this effect 
to the change of the surface conccnlration of persulphate ions under 
the influence of the electric field in the double layer. This current 
decay may be regarded as the first experimental proof of theoretical 
predictions made by Antropov on the basis of elcclrocnpillory 
measurements. I t  should be stressed at the same lime that the 
phenomenon observed by Kryukova and known as the Kryukova 
effect is not restricted to the current fall. After the current drops 
to a certain minimum value, it mounts up again (see Fig. 21.1), 
i.e., the process of cleclroreduclion is resumed. The latter point 
does not follow directly from clectrocapillary data.

The Kryukova effect theory suggested by I’rumkin is based on 
the assumption that the rale of the eleclroreduclion of an anion 
is determined by the discharge step. If the reverse reaction is ignored, 
one can write the following equation for the discharge current 
density:

i =  t i c k  exp { - g(7 ; ^ } (21.27)

where c(,x is the surface concentration of anions and (e — £) is the 
potential drop in the Helmholtz region of the double layer. Using 
the Stern equation to relate the bulk (cqx) and surface (cbi) con
centrations of anions and substituting the value of the latter into 
Eq. (21.27), one obtains

(21.28)

where z is .'no valency of the anion. Equation (21.28) contains two 
poten tia l-varian t factors. One of them, exp { —aFe/RT}, increases 
continuously as the value of e is shifted to the negative side and 
the other, exp {(a +  z)F l/R T ),  falls with decreasing degree of 
diffusion in the double layer. The greatest change of the £ potential 
is observed near the null point and therefore its effect is found to he 
predominant here, which results in a current fall. With further in
crease of the cathodic polarization the £ potential changes more 
gradually and the second factor becomes decisive, which results in 
a current rise. F rum kin’s theory thus accounts for the current 
fall and rise on the polarization curve. This theory is also in accord 
with experim ental findings concerning the effect of extraneous 
(indifferent) ions on the eleclroreduclion of anions. Frumkin’s 
theory however fails to explain the changes in the shape of reduc
tion polarization curves observed when going from one type of 
reducible anions to another.

We have so far considered the role of adsorption only in the electro
ly tic  reduction (or oxidation) reaction proper. Adsorption must 
also affect the kinetics of competing reactions, i.e., the kinetics
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of hydrogen or oxygen evolution. The presence of adsorbed substan
ces on the electrode surface may either increase or decrease the 
hydrogen or oxygen overpolential. This in turn will alter the con
ditions of reduction or oxidation reactions. These conceptions are 
in conformity with the experimental fact that the electrochemical 
reduction or oxidation of many substances often proceeds with 
a considerable current efficiency at potentials markedly higher 
than those at which (for the same current density) hydrogen or 
oxygen is evolved from solutions containing no depolarizer. For 
example, the Kolbe synthesis is feasible just because organic sub
stances adsorbed on a platinum electrode poison it. thereby hindering 
oxygen evolution and shifting the potential to a value at which 
anions of carbonic acids can begin to oxidize (Antropov. 1946). 
At first glance the adsorption of organic substances at such posi
tive potentials seems to be impossible. It is necessary however to- 
take into account that the oxidation of the electrode surface results 
in an increase in the electronic work function and hence in a shift 
of the uncharged-surface potential to the positive side. In isolated 
cases the value of £ changes by one volt or more. Therefore, when 
the potential of a given metal is shifted from the most negative 
to the most positive values, it  may happen that not one but two or 
more maxima of the adsorption of organic substance- appear near 
the corresponding uncharged-surface potentials.



CHAPTER 22 
Electrodeposition of Metals 

from Solutions

22.1. GENERAL DESCRIPTION OF THE PROCESS

The electrocheniical dcposilion of metals from aqueous solutions 
of their compounds lies a t the basis of hydro- and electrometallurgical 
processes, i.e.. extraction of metals from their ores (electrowinning) 
and their purification (electrorefining) by electrolysis. Among the 
inetals produced and refined by hydro- and electrometallurgical 
processes are copper, nickel, zinc, cadmium, tin, lead, silver, gold, 
manganese, etc. Technically pure metals can he produced and metals 
recovered profitably from low-grade ores by hydro-and electrometal
lurgy. The electrochemical dcposilion of metals is used to protect 
the basis metal from corrosion by coaling it with more stable metals 
or alloys and also to im part a pleasing, decorative appearance to 
articles (electroplating). Another use of metal electrodeposilion 
is for producing replicas and reproducing works of art, for the 
manufacture of strips, seamless tubes, printed circuits, etc. (electro- 
forming and Icctrotyping). The possibility of using electrolysis with 
metal deposition to satisfy practical demands was first indicated 
in 1837-38 by the Russian Academician Yakobi. who can be rightly 
called the inventor and founder of electroplating and related pro
cesses.

Metals arc generally cleclrolylically deposited from solutions 
of their simple sa lts—sulphates, chlorides or nitrates. The overall 
cathodic reaction in this case is the discharge of hydrated metallic 
ions w ith their subsequent incorporation into the crystal lattice 
of a cathodienlly formed deposit:

M-'+ .* H 20  +  ze =  [MI -f  *H .O  (22.1)

The cathodic deposition of metals from solutions of their complex 
ions with a net positive (or negative) charge also finds wide use. 
especially in electroplating. For solutions containing complex ions 
the overall reaction of cathodic metal deposition may be written 
as follows:

MA£"x +  zc =  [Ml t -x A -  (22.2 )
where z is the valency of the metal in the complex MA|~*.

The electrochemical deposition of metals from aqueous solutions 
always occurs a t a more electronegative potential than the equili-
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brium potential of the corresponding metal under given conditions. 
The diflerencc in potential between an electrode at equilibrium 
and an electrode subjected to an external current (i.e., in the cathodic 
deposition of metals) corresponds to the electrode polarization 

Ac =  .„e, — (22.3)
That part of the total polarization which is not associated with 
the slow transport process is often called the metal overpolential. 
The magnitude of overpotential is here also related to the nature 
of the electrode process.

As in other electrode reactions, in the electrochemical deposition 
of metals the polarization is dependent on current density, increasing 
with it. In this case, however, the form of this dependence is often

Fig. 22.1. Various growths of a cathodic di p

more complicated. Even for the deposition of the .--ame metal, the 
results of polarization measurements may take the form (depending 
on the range of current densities used, solution composition and 
temperature) of straight lines in one of the following coordinate 
systems:

i l - i ,  T|— log i, - - l o g i ,  — — log,'

Experimental investigation of the kinetics of the cathodic depo
sition of metals is a complicated task, because of the specific features 
of this process. The cathode surface does not remain intact during 
electrolysis, it changes all the time as the metal is being deposited. 
The growth of a deposit is essentially dependent on the nature of the 
metal and electrolysis conditions. Some metals, e.g. silver and 
thallium, arc characterized by the formation of very thin needle-like 
crystals called whiskers and dendrites. By watching the growth 
of a needle-like crystal one can see that its cross-section is changed 
os the applied current is varied. Often (see Eig. 22.1a) the needle-
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like crystal becomes thicker with increasing current and, conversely, 
its thickness diminishes as the current falls (Samartsev. Gorbunova. 
Vagramyan). The surface, on which metal deposition occurs, adapts 
itself, as it were, to the current in such a manner that the current 
density and. hence, the linear rate of growth of the crystal remains 
approximately the same. Not infrequently lamellar growth of a depo
sit is observed, in which case the crystalline packet moves at a 
definite ra te  along the cathode surface (Fig. 22.16). The metal is

Fig.J22.2. Micrograph of the spiral growth of a silver deposit (after Kaischew)

deposited not on the entire surface but only on the slope of the 
packet, which is thus the actual advancing crystal front. By studying 
the conditions under which a deposit is formed on a single crystal 
of silver it was found tha t the crystal grows regularly along one 
or several spirals. Figure 22.2 show's a typical micropicture of the 
spiral growtli of silver.

The specificity of the growth of electrolytic metal deposits makes 
it difficult to measure the current density or, in other words, the 
rale of an electrochemical process. Here one should distinguish between 
the apparent current density, i.e., the current per unit of geometrical 
(visible) surface area of the electrode, and the true current density, 
which is equal to the ratio  of the current to the active surface area, 
i e., to the actual growth surface of the deposit. During the forma
tion of a cathodic deposit the true current density may vary with 
the apparent current density remaining constant.
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Study of the kinetics of electrodeposition of metals is also associa
ted with difficulties due to the time variation of the cathode poten
tial. The variation of the potential and of electrode polarization 
is caused not only by the change of the active surface area and of true 
current density but by other factors as well. The lime variation 
of the potential is especially pronounced during the deposition 
of metals on electrodes of other metals when electrolysis gives rise 
to a new metallic phase, for example, (luring the deposition of cad
mium, copper, silver, mercury, and a number of other metals on 

a platinum cathode. 'This phenomenon 
was first delected by LcBlnnc in 1910. 
The overpolcnlial is found to vary with 
time also during the deposition of a me
tal at a cathode of the same metal. 
Figure 22.3 is a typical polarization- 
lime curve obtained in I lie deposition 
of silver at a silver cathode (Samarl- 
sev, Evslropiev).

In the usual procedure of tracing po
larization curves the potentials arc 
measured after a certain lapse of lime 
from the moment when a new value of 
current is applied. These lime intervals 
are different in experiments carried out 
by different authors. As follows from the 
lime variation of the poten t ini (Fig. 22.3). 
widely differing values . i polarization 
are obtained at the same current den

sity, which makes the data of different authors incomparable.
The nature of a deposit and the conditions of its formation in lime 

at a constant current (or at a constant potential) depend not only 
on the type of the metal but also, to a large degree, on (he solution 
composition and the impurities present in solution. The presence of 
surface-active substances and also of various oxidizing substances 
(e.g. dissolved oxygen) affects the kinetics of metal electrodeposition. 
The degree of purity of the solution and the nature of the impurities 
may aflecl the crystal growth, the number of crystallization centres 
arising in unit time on a unit surface area of the cathode, the 
polarization at a given current density, its variation with time, 
etc.

In those cases where the cathodic yield of a metal is lower than 
unity (electronegative metals, high current densities) complications 
arise, which are associated with the variation (usually, the increase) 
of the pH in the catholyle owing to hydrogen evolution. The alkali
zation of the solution near the cathode favours the hydrolysis of the 
m etal’s salts with the formation of its basic sails and hydroxides,

Fig. 22.3. Variation of over- 
potential with time frequ
ently observed in the cat
hodic deposition of a metal 
(after Samartscv and Evstro- 

pyev)



Ch. 22. Electrodeposition oj Metals 481

which can alTecl I he course of electrodeposilion and he incorporated 
into the calhodic deposit.

In sp i le  of se rio u s  d if f icu lt ie s  encountered in experim ents and in 
th e o re tic a l in te r p re ta t io n  of the  re su lts  obta ined  due to the specific 
fea tu res  of m e ta l  d e p o s itio n  processes, a large body of factual 
m a te r ia l h a s  been a c c u m u la te d  and  definite conceptions have emerged 
conce rn ing  th e  naLurc of these  processes. Sufficiently  reliable data 
can now  he o b ta in e d  ow ing  to  the  im proved experim ental technique 
(new m e th o d s  of in v e s tig a tio n , w hich m ake i t  possible to avoid 
c o m p lic a tio n s  a sso c ia te d  w ith  the  pecu lia ritie s  of crystal la ttice 
bu ild u p  an d  tim e  v a r ia t io n  of p o te n tia l) ; the developm ent of proce
dures for m e a su r in g  th e  grow th  surface  and. accordingly, the true 
c u rren t d e n s ity ; th o ro u g h  p u rifica tion  of solu tions, etc.

22.2. TIIE EFFECT OF VARIOUS FACTORS 
ON CATHODIC DEPOSITION OF METALS

22.2.1. THE ROLF. OF THE METAL NATURE 

III the electrolysis of solutions of simple salts the nature of cathodic 
deposits and the m agnitude of electrode polarization are primarily 
determined by the type of the metal being deposited (Table 22.1).

TABLE 22.1
Classification of Metals According to Overpotential 
in Deposition from Solutions of Their Simple Salts

Metal

......... I'll. as. Tl PI). m .c .  za

Overpolenlial. v 0 to nxIU -n n X 10-i m x  Hi-1
Exchange curien t .  A.i-in- MX 10-1 u T n x t o - t * MX It'- ' to MX IP-5 MX 10-ato 

n X 10-9
Mean linear it 

of grains, cm
""ensions :> t o - 3 t o -3 t o  to - * - < l o - 5

All the m etals listed in 'Table 22.1 arc divided into three groups. 
One group includes m etals deposited from aqueous solutions cither 
w ithout overpotential (mercury) or at an overpolenlial not exceed
ing several m illivo lts a t ordinary current densities (silver, thallium, 
lead, cadmium, and tin). The time variation of potential, the intri
cate growth of the cathodic deposit and other characteristic features 
of the cathodic deposition of metals are manifested most distinctly 
for this group of m etals (except mercury). At industrial current 
densities these m etals form rough deposits with coarse grains reach
ing several lens of microns across. Exchange currents are very high
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for metals of this group. For example, the exchange current between 
metallic mercury and a solution of mercury n ilrale reaches 
4 X l ' 1 A/cm2, that between silver and a solution of silver nitrate 
reaches 1 X 10-2 A/cm2, and that between cadmium and a solution 
of cadmium sulphate, 10‘ 3 A/cm2.

Bismuth, copper and zinc form the intermediate group. In the 
case of these metals the overpotenlial is of the order of several 
tens of millivolts, thinner deposits arc formed (the mean grain 
size does not exceed 10 p) and the exchange currents are smaller 
than those for the metals of the first group. For example, the exchange 
current between copper and a solution of copper sulphate is close 
to 10‘s A/cm2.

The highest metal overpotenlial is exhibited by metals of the 
iron group where it reaches several tenths of a voit. These metals 
are deposited on the cathode in the form of dense fine-grained forma
tions. Exchange currents are small: 10~8 and 10'° A/cm2 for iron 
and nickel, respectively, in solutions of their sulphates.

The data presented in Table 22.1 refer to ordinary electrolysis 
conditions under which a metal is deposited on a polycryslalline 
substrate and forms deposits having also a polycrvsi aiiine structure. 
The surface of such deposits is formed by faces of dii>renl crystallo
graphic indices. Which faces will predominate on the deposit sur
face depends on the conditions of electrodeposition. !t is therefore 
important to find out whether the metal overpotenlial depends 
on which faco the metal is deposited on. The existence of this depen
dence has been confirmed by experiments with single crystals of 
a number of metals with different faces oriented towards the 
solution. From Table 22.2 (after Piontelli) it follows that in the

Dependence of Metal Orcrpotcntial (mV) on Single Crystal 
I’ncc Index a t i = 10 mA/cm- and t 25 1.

Face index

Metal and solution

Pb Sa Cu N.

S:55; ^ . bc C 4)2-
o.r».\r snci2.
0.5.V HCl

0.5.V cu(Ciai)..
0.5.V HC104

I0.\f NiCIs.
0.33M HaUOs. 
pH = 3.1

(100) 3.0 2.5 35 786
(110) 3.0 4.0 30 809
( til) 4 .4 43 819

case of metals of low overpolential a change from one face to another 
causes a considerable relative change of overpotential. For example,
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a change irom Ihp (111) face lo (110) during Ihe deposition of lead 
decreases Ihe overpotential from 4.4 lo 3.0 mV, i.e., almost by 
one and a half limes. For copper, the relative effect of the face index 
is less pronounced, and Ihe maximum difference in overpotenlial 
docs not exceed 40 per cent, though the absolute variation of overpo
tenlial in changing from one face lo another is here much wider 
than in the previous case. When nickel was deposited, the maximum 
difference in overpolential was observed for the (111) and (100) 
faces, where it reaches 80 mV. The nature of the face is not so essen
tial in this case since the relative variation of overpolential is only 
3 to 4 per cent. From Table 22.2 it also follows that the maximum 
value of metal overpotenlial depends on the type of metal rather 
than on the crystallographic orientation of the electrode surface. 
No m atter on which face the metal is deposited, the overpotenlial 
is always higher for nickel than for copper, and for copper than 
for tin and lead.

The secondary role of crystallization factors in overpotenlial 
phenomena is also evidenced by data on the kinetics of cathodic 
deposition of mercury-soluble metals on corresponding amalgams. 
The results obtained by kinetic studies of reactions of exchange 
of m etallic ions between diluted amalgams and nitrate solutions 
indicate the: ihe exchange current decreases in the following order: 

Tl, Pb, Cd >  Cu, Zn >  Ni 
The potential-tim e curves obtained by Hcyrovsky by means of 

osc illog raph ipo la rog raphy  show that the degree of reversibility 
of the discharge and ionization reactions at mercury (more precisely, 
amalgam) t te tro d es  decreases in the following sequence:

Tl, Pb, Cd, Sn, Bi, Sb, Zn, Cu 
'File order of arrangement of metals according lo the degree of their 
irreversibility and, hence, to the magnitude of metal overpotenlial 
is practically independent of whether a metal is deposited on a solid 
cathode of I he same metal or on a diluted amalgam of the correspond
ing metal, rite deposition of metals of the iron group on mercury 
is also accompanied by a polarization considerably higher than 
in the case of all the other metals listed in Table 22.1. Here it pro
ceeds s till less reversibly than on solid cathodes. These metals howe
ver are almost incapable of forming amalgams and they are deposited 
at mercury cathodes onto poorly bound small crystal islands.

22.2.2. THE EFFECT OF SOLUTION COMPOSITION 
Systematic investigations of the effect of the solution composition 

on the kinetics of electrodeposilion of metals were begun in 1917 
by Izgarysbev. I t  was found that the cathodic deposition of metals 
from solutions of their simplo salts is affected by the nature of the

31*
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salt anion. The effect of the anion on the overpolenlial and on the 
nature of the deposits formed is observed for many metals but it 
reveals itself most strongly in the case of metals the deposition 
of which does not involve high polarization. Usually the overpo
tential decreases from anion to anion in the following order: 

POJ-, NO;, so;-, CIO; >  . \ I I 2SO; >  Cl- >  Br- >  I-

The tendency to form rougher, coarse-grained deposits increases 
in the order indicated. The effect of anions is quite comparable 
with the effects exerted by crystallographic factors. For example, 
when one changes from perchlorate solutions to sulphamine solutions 
an almost two-fold decrease of the overpotential is observed in the 
eleclrodeposition of lead, while in changing from the (111) face 
to (100) it decreases by less than one and a half limes.

The presence of indifferent cations in the solution, apart from 
the discharging metallic ions, increases the metal overpolenlial. 
Such effects have been observed in the deposition of nickel, zinc, 
copper, and other metals. Indifferent cations in aqueous solutions are 
usually hydrogen ions. As a general rule, the metal oveipotential rises 
with increasing concentration of hydrogen ions. The overpotential 
is found to increase considerably in the presence of surface-active 
cations of the tetrasubstituted ammonium type.

The high sensitivity of the process of metal eleclrodeposition 
to the presence of impurities in solutions indicates that the addition 
of any substances (not only electrolytes), especially those having 
surface-active properties, is essential here. By way of example, the 
introduction of a negligible amount of gelatine (of the order of 0.005%) 
into a plating bath changes the cathode polarization and the nature 
of tho doposits formed (Izgaryshev. Titov. 1917).

Tho addition of traces of molecular and ionic substances to the 
solution is one of the most effective ways for altering the course 
of tho eleclrodeposition of metals. Many predominantly organic 
substances are capable of enhancing the lustre of dull doposits 
(brightoningagents), levelling out their surfaces (smoothing agents) 
and modifying other properties, o.g.. porosity, hardness, embrittle
ment, ability to occlude hydrogen, etc. (Kudryavtsev. Matulis. and 
others).

A now type of polarization for the cathodic deposition of metals 
discovered by Loshkarev is adsorption polarization, which alters 
the rate of metal deposition on mercury and also on solid cathodes 
after addition of certain surface-active substances (c.g., tribenzyl- 
amine). First, the deposition rate becomes slower than before addition 
of surface-active substances and. second, it becomes independent 
of tho cathodic potential over a wide range of potentials. However, 
after a certain (usually, strongly negative) potential is reached, 
the effect of the additive ceases. The rate of deposition begins to
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increase rapidly, approaching the normal value under given condi
tions, which corresponds to the diffusion limiting current. A compa
rison of the results obtained from polarization measurements on 
mercury cathodes w ith elcctrocapillary curves and differential capa
city curves (traced before and after the additive is introduced) 
has shown that the potential, at which the action of (he additive 
discontinues, coincides with the 
potential of its  desorption 
(Fig. 2 2 .4 ). The effect of tho ad
dition agent is specific here. One 
and the same addition agent (or 
a certain com bination of additi
ves) has a different retarding 
effect on (lie discharge of diffe
rent ions on a mercury cathode.
The phenomenon of adsorption 
polarization is used to improve 
the quality  of deposits in the 
electrolytic production of alloys.

All these data refer to the 
deposition of metals from solu
tions of ilieir simple salts. If 
inorganic or organic additives 
form complex compounds with 
the metal being deposited and 
convert i  ̂ hydrated ions into 
complex ones, the course of the 
cathodic process will change 
markedly. F irst of all, the for
mation of complexes in the solu
tion sh if is  :he equilibrium  polcn- with a desorption peak
lial of the metal in tho negative
direction by reducing the concentration of its free ions. The addition 
of a substance M'A (whose anions are capable of forming complex 
compounds MAr with the ions of tho metal being deposited. M‘+) 
causes a complex formation reaction in the solution:

Mi+ +  iA -  =  MAj-» (22.4)
where (: — x )  is the charge of the ions formed. Reaction (22.4) 
is characterized by the complex-formation constant (or formation 
constant): K lMAi-*l (22.fi)

The reciprocal of this quantity  is called the instability constant:

(22-6>

Fig. 22.4. Diagram illustrating the 
phenomenon ot adsorption polariza

tion (after Loshkarev):
[ and r —polarization

o conditions of
ordinary

................... ad"—  '
adsorption It 

a'solutlon containing



Part Six. The Kinetics oj Some Electrode Processes

The instability constant characterizes the ability of a complex 
to dissociate with recovery of the initial ions M:+ and thus determi
nes their equilibrium concentration

=  K in (22.7)

As a result of the complex formation reaction a certain fraction 
of the M:+ ions (which is the greater, the lower the instability con
stant) will be present as complex ions .M = --T in solution and, con
sequently, the concentration of free metallic ions must diminish. 
This decrease and, hence, the shift of the reversible electrode poten
tial in the negative direction will be the greater the lower the insta
bility constant and the higher the concentration of the addition 
agent. By choosing appropriate complexing agents and their concen
trations one can change the equilibrium potentials of different 
metallic ions present in the solution so as to ensure either their 
codeposilion to produce an alloy or their maximum possible separa
tion.

The appearance of complexes in solution affects not only the 
equilibrium potentials of metals but also the magnitude of overpo- 
lential and the nature of cathodically formed deposits. On switching 
from simple electrolytes to complex ones the ovcrpolential gene
rally increases and the grain size of deposits decreases; simultaneou
sly, the tendency toward the formation and grow th  of dendrites 
is suppressed. For example, silver, which is deposited at the cathode 
during electrolysis of its nitrate solution alm ost without polariza
tion and gives course-grained rough deposits, can he obtained from 
complex cyanide electrolytes in the form of smooth fine-grained 
deposits.

22.3. THE NATURE OF METAL OVERPOTENTIAL

The electrode polarization observed in the deposition of metals 
may be associated either with phase transformations (see Chapter 15), 
in which case it is one of the types of phase ovcrpolential (the 
slow formation of two- and three-dimensional nuclei, surface diffu
sion of adatoms or adions), or with the slow occurrence of the electro
chemical slop (see Chapter 16), in which case it may be identified 
with electrochemical ovcrpolential. In the elcctrodcposition of metals, 
hindrances at the transport and chemical-transformation steps (see 
Chapter 16) preceding the electrochemical act play an important 
role. In considering the cathodic deposition of metals (especially, 
from complex electrolytes) it is therefore necessary to lake into 
account concentration polarization, i.e., diffusion ovcrpolential and 
chemical (or reaction) overpotential. And, finally, under the condi
tions of cathodic deposition of metals, the energy slate of the ion 
in the deposit formed may differ from its stale in the normal crystal
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lattice of the given metal and correspond to a higher energy level. 
The transformation from this metastable form into a stable form 
may also cause the appearance of a special type of phase (crystal
lization) overpolential.

The predominance of one or other type of overpotential is governed 
by the nature of the metal, solution composition, current density, 
and electrolyte temperature. Whon simple, noncomplex electrolytes 
are used aL ordinary temperatures, the overpolential depends on the 
nature of the metal (see Table 22.1). Experimental data indicate 
that the deposition of metals at the beginning of the series (Hg, Ag. 
Tl, Pb, Cd, Sn) is accompanied by insignificant polarization caused 
mainly by th e  slow formation and growth of a new phase. The slow 
rate of the electrochemical step is not essential here. In the electro
chemical literature these metals characterized by phase overpolential 
arc often called  norm al m etals. Conversely, in the deposition of metals 
standing at th e  end of the series in Table 22.1 (metals of the iron 
group) a high  polarization is observed, which is predominantly 
caused by ilie  slow rale of the electrochemical slop. These metals, 
characterized by an electrochemical overpotential, are called inert 
m etals. M etals  such as Hi, Cu, and Zn occupy an intermediate position 
with respect to both the magnitude of polarization and the nnlure 
of overpolential (here the superposition of several types of overpo
tential is most probable).

According lo Volmer, the different nature of deposits cathodically 
formed by normal and inert metals is due lo this difference in the 
magnitude and type of overpolential. From this point of view, 
all factors responsible for the slow rate of the discharge step must 
diminish the relative role of crystallization phenomena and encourage 
the formation of uniform and fine-grained deposits. The discharge 
reaction rate can be reduced still further either by conversion of 
simple ions into more stable complexes or through the addition of 
surface-active substances (if their adsorption has the strongest effect 
on the discharge step). This point of view’ is supported by the change 
in the structure of deposits observed in going from simple electroly
tes lo cyanide ones and also by the character of electrodeposition 
under the conditions of adsorption polarization.

22.4. FACTORS CONTROLLING POLARIZATION 
IN THE CATHODIC DEPOSITION OF VARIOUS METALS

2 2 /..I. THE ENERGY OF THE ION IN A METAL 
AND ITS STATE IN SOLUTION 

I t  is not quite clear yet why there is such a marked difference 
in the magnitude and nature of overpolential of normal and inert 
metals and which properties of metals (or solutions) are responsible
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for il. An attempt was made lo ascribe these phenomena to the 
difference in the bond strength of ions in solution and in the crystal 
attice of normal and inert metals. This assumption is tantamount 

to postulating that the ions participating in the discharge are in the 
same form in which they are present in solution and that the discharge 
moves the ion directly to its final position in the metal lattice. 
According to this assumption the discharge act coincides with 
the overall electrode reaction of metal deposition, and the encr°v 
changes involved correspond to the Gurney diagram (see Fig. 9.8, 
page 235). The minimum of the left potential curve represents the 
stable position of the ion in solution and. in the case of simple ions, 
is determined by the hydration heat H  of the ion. The minimum 
of the right potential curve refers to the stable position of the ion 
in the surface layer of the metal lattice and is determined by the 
work of its removal Y .  The activation energy of discharge increases 
with increasing hydration energy of the ion and with decreasing 
work of its removal. Thus il would be expected that for normal 
metals the hydration energy of their ions in solution is lower, ami 
. i° work °f removal of the ions from the lattice greater, than for 
inert metals. This assumption however is not confirmed bv experi
mental data. For example, from Table 22.:'. il follows that the

Comparison of Chemical Energies of llvdration with Energies 
of Removal of Ions from the Crystal Lattice ior Some Metals

| :

difference H  — Y , as well as the absolute values of the hydration 
onergy and the work of ion removal, is almost identical for zinc and 
nickel, though zinc is deposited with a much lower overpotential 
than nickel.

The inadequacy of such a simplified picture follows from more 
general considerations as well. Standard electrode potentials vary 
along with tho variation of the difference between the chemical 
hydration energy of ions in solution and the work required lo remove 
tho ions from tho crystnl lattice. 11 would have seemed therefore that
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the metal ovcrpotenlial must vary in the same scqnence as the vol
tage series of metals. Bui this conclusion is in discord with experi
ment. For example, zinc, whose standard potential is equal to 
—0.76 V, is deposited with a lower ovcrpotenlial than iron, the 
standard potential of which is —0.44 V. At the same time the over- 
potential in the deposition of zinc is approximately the same as 
in the deposition of copper, which is an electropositive metal 
(ecu2/cu=  -j-0.:i4 V). This by no means implies that the ionic bond 
strength in solution and in the metal plays no part at all. This 
factor however cannot he estimated simply by comparing the values 
of I I  and Y .

The assumption tha t the deposition of a metal proceeds not as 
a m ultistep consecutive reaction but as a single elementary act contra
dicts all data obtained in studies of the kinetics of various electro
chemical processes. This assumption would imply, say for cathodic 
hydrogen evolution, that the hydrogen ovcrpotenlial is independent 
of the nature of the metal, which is not true, fn order to explain 
the relation existing between the metal overpotential and the nature 
of the metal and also the effect of the solution composition on over- 
potential. it is necessary to lake into account not only the initial 
and final s t a l e s  of metallic ions but also the nature of elementary 
acts. Here one should reckon with the stale and properties of reacting 
particles at \an o u s  stages of the overall process.

Manv investigators attempted to improve the theory of metal 
eleclrodcposi i ion by resorting to the concepts of the electronic struc
ture of m etallic ions. One such attempt was made by Lyons (1954). 
According to ibis author, the metal ovcrpotenlial depends on the 
electronic structures of discharging ions and of the calhodirally 
deposited metal. Here the ovcrpotenlial is assumod to be especially 
high in two cases. First, if aquo-complexes (or other complexes) are 
formed by ions at the expense of the electrons located in inner orbitals 
(inner-orbital complexes), which results in the formation of the stron
gest ionic bonds in solution. Second, if the difference in the electronic 
structure of the ion and the metal is great; in this case a considerable 
activation energy is required for these structures to be rearranged 
during discharge. Discharging ions usually have a different structure 
than the ions present in solution. This is attributed to the partial 
dissociation of a simple hydrated or a complex ion on the electrode 
during adsorption. The available bonds hold the ion on the electrode 
surface, while the electronic structure of the ion is further rearranged, 
up to the moment of discharge, lending to assume the structure of the 
ion in the metal. This is followed by the discharge involving either 
complete dehydration of the ion or decomposition of the complex 
and inclusion of the metal atom into the crystal lattice.

All the metals listed in Table 22.1 form, according to Lyons, 
outer-orbital aquo-complexes, i.e., complexes formed with the parti-
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cipalion of electrons situated iu outer orbitals. This makes possible 
their deposition from aqueous solutions in contrast to such metals 
as titanium, zirconium and others, whose ions are present in solution 
in the form of inner-orbital complexes. The high overpolcnlial of 
metals belonging to the iron group is attributed to a considerable 
difference in the electronic structure of discharging aquo-ions and 
the corresponding metal. Conversely, the electronic structure of 
normal metals in a crystal and in aquo-complexes is similar and 
therefore they have a low overpotenlial.

Lyons views reflect, to some extent, certain features characteristic 
of the processes of cathodic metal deposition. No doubt, the electronic 
structure of ions has some share in these processes. At the same 
time the Lyons theory does not give a detailed explanation of the 
nature of metal electrodeposilion processes. This is associated, 
first of all, with the lack of reliable data on the structure of ions 
in solution and at the electrode surface, which makes one resort to 
hypothetical structures. Further, the Lyons theory, though making 
use of such hypothetical structures, is incapable of explaining 
cerlnin experimental relations concerning, for example, the deposi
tion of metals of the platinum group. This ihcory does not take 
into account the effect of the electrode potential and of the double
layer structure on the eleclrodeposition of metals. And, finally, 
it cannot explain the role played in this pmcess by the solution 
composition and, especially, by surface-active substances. The con
cepts of the role of the structure of dischargin'.' metallic ions in the 
electrodeposilion of metals were further developed by Vlcek (1957).

22/i.2. THE ACTIVITY OF THE CATHODE SURFACE 
IN METAL DEPOSITION

According to another point of view the nature and magnitude 
of motal overpotential depend on the stale of the cathode surface, 
which may bo difforent for different metals. One of tbo causes respon
sible for this difference is associated with the possibility of hydrogen 
evolution and its influence on the course of metal deposition. It is 
known that electrolytic deposits of iron, nickel and cobalt always 
contain a noticeable amount of hydrogen. The presence of hydrogen 
may be regarded as one of the possible factors causing distortion in the 
crystal lattice of deposits of these metals, internal stresses, embrittle
ment. etc. Deposits of copper and zinc contain less hydrogen. Hydro
gen is practically undetectable in electrolylically deposited cad
mium or lead. From this it follows that the metal overpotenlial 
increases with increasing amount of hydrogen included in a metal 
deposit, i.e.. that hydrogen probably interferes with the cathodic 
deposition of metals. I t  was thought that hydrogen has an inhibiting
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effect on llie discharge process by forming a surface film or metal 
hydrides.

In connection with the effect of hydrogen on the kinetics of metal 
deposition it is im portant to find out the factors responsible for 
the presence of different amounts of hydrogen in different metals 
and hence for the difference in the inhibiting effect. It has been 
found that, in a general case, there is no direct relation between 
the fraction of the total current consumed for hydrogen evolution 
and the hydrogen content in the metal. For example, in the electro- 
deposition of zinc the current yield of hydrogen is usually higher than 
in the case of iron; hut the content of hydrogen in it is always lower 
and the overpolenlial at which hydrogen is evolved on it is also 
lower. The deposition overpotential of metals increases in the same 
order in which their hydrogen overpolenlial decreases. However, 
the im portant point is the mechanism of hydrogen evolution on 
a given metal rather than the magnitude of hydrogen overpolenlial 
(Antropov. !952). The occlusion of hydrogen by a metal deposit 
is the more probable the slower the removal of adsorbed hydrogen 
atoms from the metal surface. The largest amounts of hydrogen 
arc therefore detected in cathodic deposits of metals belonging to the 
iron group since in this case the recombination of hydrogen atoms 
proceeds at a slow rale.

The presence of adsorbed or occluded hydrogen however cannot 
be considered as the main factor determining the specificity of the 
cathodic deposition of metals.

The difference in metal overpotenlial and in the nature of cathodic 
deposits might be attributed to the different tendency of metals 
towards passivation and their different adsorption capacity. The 
appearance of foreign substances on the surface of a growing deposit 
impedes the discharge of metallic ions and their incorporation 
into the crystal lattice. This retarding effect must be the more pro
nounced, the more readily a given metal is passivated. The role 
of passivating agents can be played by dissolved oxygen, impurities 
of organic substances and catalytic poisons, certain foreign (indiffe
rent) ions which do not participate in the electrode reaction, and 
other substances. From this point of view, the special position of 
metals of the iron group, in particular their high metal overpotential, 
is due to the fact th a t these metals exhibit a stronger tendency 
toward passivation (Samartsev, Gorbunova, Vagrainyan).

This factor however does not seem to be decisive either and evi
dently is not responsible for the order of arrangement of metals 
according to their overpotential. The difference in the metal over
potentials of inert and normal metals remains large even when 
solutions are most thoroughly freed from impurities and oxygen. 
Sim ilarly , lead, which is passivated much more readily than zinc, 
is deposited a t a lower overpotential.
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22.4.3. THE CHARGE OF THE METAL SURFACE 
IN CATHODIC DEPOSITION 

The occurrence of adsorption phenomena at a melal-eleclrolyle 
interface and, consequently, the degree of their effect on the processes 
taking place there largely depend on the potential or, more exactly, 
on the charge of the metal.

In the past it was taken for granted that the cathode surface is 
always negative, and the more negative the less noble is the electrode 
metal. This point of view, which has survived up to now, is incor
rect. The charge on the metal surface is determined neither by the 
role played by the metal in an electrochemical process (i.e., whether 
it is the cathode or the anode) nor by its electrode potential under 
given conditions. The charge on the electrode surface can be evaluated 
by using the correlative or cp-potential scale proposed by Antropov. 
The electrode potential on the (p scale is the difference between the 
potential of the electrode under the particular conditions (o.g., 
in the clcclrodeposilion of inclals) and the corresponding null point: 

<P =  e — eN
The magnitude of the electrode potential on the q> scale serves as 
a measure of the surface charge, making it possible to predict which 
ions have more chance to he adsorbed under given conditions. This 
can be illustrated by the cathodic deposition of nickel, zinc, cad
mium, and lead from solutions of their simple sale . All these metals 
are deposited at negative potentials (on the hydrogen scale), which, 
under ordinary electrolysis conditions, are apprn\i::iatclv as follows- 
-0 .8 0  V (Ni and Zn), -0 .1 5  V (Cd) and -0 .1 5  V (I’b). the ir  polcn- 
tials on the correlative scale, i.e., llicir charges, cm he estimated by 
using data on the null points of these metals (see Table 10.3):

<P.vi -  -0 .8 0  -  ( - 0 .2) =  - 0 .fi Y 
<Pin  =  -0 .8 0  -  ( -0 .5 ) =  - 0 .5  V 
<tca =  —0.45 — (-0 .7 ) =  -TO.25 V 

=  —0.15 — (-0 .7 ) =  -1-0.55 V 
From these values of q> potentials it follows that under the conditions 
of elcctrodeposilion nickel has the most negative charge, then comes 
zinc, which is also negatively charged, while cadmium and lead 
are charged positively. In the course of cleclrodeposilion, predomi
nantly cations must be adsorbed on the surface of nickel and zinc 
deposits and anions on the surface of cadmium and lead deposits 
These conclusions apply only to solutions containing no surface- 
active substances capable of being adsorbed also on a like-charged 
metal surface. They however can also be extended to solutions contain
ing surface-active substances, provided that the specificity of adsorp-
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lion is determined by the properties of their particles and not of the 
metal. Then, knowing the mechanism of adsorption of surface-active 
substances at least on one metal, c.g. on mercury, one can find, 
by means of Lhe correlative scale, the most probable region of poten
tials in which the same substances may be adsorbed on the surface 
of any other metal. 'Ibis allows one to establish, in each particular 
case, the possibility of their influence on the kinetics of electrodepo
sition. Suppose a substance can be adsorbed on the surface of mercury 
up to the potential h tfidcs =  —1.0 V, which may be called the 
negative desorption potential (the value of desorption potential 
on mercury can easily be found from capacity or electrocapillary 
measurements). Since the null point of mercury is —0.2 V. the 
negative desorption potential on the tp scale must be: uelP.fci — 
=  —1.0 — (—0.2) =  —0.8 V. Assuming, us a first approximation, 
that desorption always begins at one and the same charge and using 
the properties of the q> scale, one can assert that for any metal M 
desorption will occur a t a value of equal to hb(I'*j. ie-i

Ml<Pdc« =  Mj'Prfca -  ■ • ■ llK<PdM 

Hence, the given surface-active substance will cease affecting the 
kinetics of an electrode process at one and the same tp potential 
irrespective of the nature of the metal. To a constant q> potential 
of desorption of the given substance there will, however, correspond 
entirely dificrent electrode potentials dependent on the nature 
of the metal. For example, the substance chosen will be desorbed 
from the zinc surface at a e potential equal to —1.2 V and not to 
—0.8 V (as in the case of mercury) since

and
Zn<p do  ~  Hg<p,/cj =  ZnB,I OS — Zn*.\ 

ZnBtfcs =  ZntpUes ‘r  ZnC.N =  HldPd»« ~  ZnCN

Analogously, it can be shown that the desorption potentials 
for cadmium and lead will be the same (—1.5 V). In just the same 
way one can find the potentials at which adsorption begins or. in 
other words, the positive potentials of desorption. Having thus 
determined the range of e potentials xvilhin which the adsorption 
of the given substance on different metals is probable, one can 
establish whether it. is capable of affecting a particular electrochemi
cal reaction proceeding at a specified electrode potential.

For polycryslallinc metals the region of reversible adsorption 
may be wider than for mercury since the faces of the same crystal 
with different crystallographic indices are characterized by different 
work functions and, hence, by different null points. In practice, 
however, the opposite effect is often observed—the region of poten
tials in which adsorption occurs at solid metals under the conditions 
of their eleclrodeposition is found to be narrower than that delermi-
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ned from llie data of electrocapillary or capacity measurements 
on mercury. The point is that in the eleclrodcposition of metals 
surface-active substances are either incorporated into the cathodic 
deposit or subjected to chemical change, i.e., are consumed in some 
way or other at a certain rate during electrolysis, and their adsorp
tion ceases to be reversible. The loss of the surface-active substance 
in the catholytc must be constantly compensated, and here diffu
sion becomes important. If the kinetics of adsorption arc partly 
controlled by diffusion (diffusion-adsorption control), the concentra
tion of surface-active substances near the cathode will be lower 
than that in the bulk of the solution. In this case, a more or less 
correct picture of the adsorption region can be obtained by using 
the eleclrocapillary curve traced in the solution and the bulk con
centration of the additive equal to that set up near the cathode surface 
during the eleclrodcposition of a metal.

If surface-active substances are supplied to the growing cathodic 
deposit at a limiting current (pure diffusion control), their electro
capillary behaviour will play but a minor role.

Nonetheless, the considerations based on the correlative scale 
of potentials may be useful in searching for effective additives 
and electrolytes to bo used in plating and hydroch ctromelallurgical 
baths.

Since the charge of the metal surface determines the conditions 
of adsorption at the metal-solution interface, if must also be associat
ed with the magnitude of metal overpotential. If tlie charge of 
a metal is positivo (q> >  0) with respect to the solution, then the 
double-layer sheet on the solution side will consist primarily of 
anions. Conversely, if the metal is charged negatively (<p <  0), 
predominantly positive ions will be attracted to its surface from 
the solution side. The former case is exemplified by silver in silver 
nitrate solutions, and the latter by zinc in zinc sulphate solutions. 
Indeed, if it is assumed that the ionic activity of each of these metals 
is equal to unity, then their e potentials will correspond to standard 
values and their 9  potentials will be as follows:

Ag*P =  Ag<P° =  Age0 — Age* =  0.8 — (—0/j) =  1.2 V
and

zn<p =  Zn9° =  zne° — znt N =  -0 .7 6  — (-0 .5 ) - —0.26 V

Suppose that corresponding metals arc deposited on these electrodes. 
In the first case (i.e., in the deposition of silver) the discharge of 
positive ions is facilitated by the attractive forces operating between 
these ions and the anions adsorbed on the cathode in the same way 
as o positively charged grid accelerates the movement of electrons 
in a thrcc-clectrodo valve. At a small shift of the potential to the
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negative side the rale of discharge will be considerable. Therefore, 
even at high current densities the overpotential remains low. In the 
second case (i.c., the deposition of zinc) not only is the accelerating 
effect of anions absent, but foreign cations may even exert an inhibit
ing effect if they are present in solution together with zinc ions. 
The cause for the appearance of this inhibiting effect can be easily 
understood if one lakes into account that at the moment of applica
tion of a current metallic ions and foreign cations, c.g.. hydrogen 
ions, are present in the double layer. When the current is switched 
on, the ions of the metal (when its deposition is the principal cathodic 
process) begin to discharge and their concentration in the double layer 
will diminish, while the number of indifferent cations will remain 
constant because they arc not discharged. The loss of positive charges 
must be compensated by the supply of new cations to the double 
layer: these new cations may be either metallic ions or indifferent 
cations. Thus, when the potential is shifted to the negative side 
(i.e., when the negative charge on the metal surface increases), 
the fraction of discharging cations in the double layer will be 
reduced, while the quantity of indifferent cations and the net posi
tive charge of the cationic sheet will increase. The supply of metallic 
cations will :1ms be hampered, and a higher ovcrpolential will 
be required for the discharge process to occur. When complex anions 
are discharged, which is probably the case with cyanide electrolytes 
in silver- and zinc-plating processes, the situation is reversed. 
Here the anomic sheet will exert a retarding rather than activating 
effect.

The cxishnee of such effects is confirmed by experimental facts 
(decrease of metal overpolential with increasing surface activity 
of a metal .-ait anion; its rise with increasing concentration of hydro
gen ions and upon addition of surface-active cations; a sharp increase 
in hydrogen nvcrpotcnlial in going from a positively to a negatively 
charged melal surface, etc.). All normal metals (Hg, Ag, Tl, Pl>, Cd). 
which are deposited at a negligibly low overpolential, are charged 
positively with respect to solutions of their simple salts (q> >  0), 
and all metals, the deposition of which is accompanied by high 
overpolential (metals of the iron group) arc charged negatively 
(<p <  0). 'That is why in the cleclrodeposilion of metals it is neces
sary to take into account the charge on the electrode surface, even 
though it  does not determine all the specific features of these proces
ses. For example, the large difference in overpotential in the deposi
tion of zinc and nickel, metals that possess approximately equal 
negative surface charges under equilibrium conditions, has not 
yet been accounted for. Similarly, the deposition of copper should 
proceed, judging by the value of its <p potential, just as easily 
as the deposition of cadmium or lead, hut this does not agree with 
experimental data.
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22/i.1. OTHER POSSIBLE CAUSES OF METAL 
OVERPOTENTIAL

Since it is impossible to explain all the kinetic peculiarities of 
the cleclrodeposilion of metals from a single general point of view, 
one lias to search new ways for interpreting this process and make 
assumptions specifically for describing concrete reactions. For exam
ple, there is an opinion that the overpotential in metal deposition 
is associated with the number of electrons participating in the 
elementary discharge act (Ilcyrovsky). It is assumed here that one- 
electron reactions proceed practically unhindered. In all cases where 
only one electron takes part in the discharge act (or when the process 
may he broken down into a number of successive one-electron steps) 
the ovcrpolenlial must he low. Conversely, if two electrons parti
cipate simultaneously in the discharge of metallic, ions, a high 
metal overpotential should be expected. According to these concepts, 
the low overpotentinl observed in the deposition of thallium and 
silver is associated with the fact that the reduction process requires 
the participation of one electron:

TV -;- e =  'IT 
Ag+ e  ̂ Ag

The low metal ovcrpolenlial characteristic of copper and zinc is 
accounted for by the possibility of discharge in two one-electron

C ir+ -f e — Cat*
Cu+ -i- e == Cu

and
Zn2t i- e ■■■■■- Zn +
Zn+ -i- e =  Z11

For metals of the iron group the discharge proceeds with the simul
taneous addition of two electrons

Fcs* -f- 2e ~  Fe

this being responsible for the slow rale of this process (the proba
bility of simultaneous addition of two electrons is low) and the 
high overpolential.

It has long been known however that the rate of cleclrodeposilion 
and also of electrodissolution (see Chapter 23) of metals of the iron 
group depends on the solution pH and the presence of impurities. 
Burshtein. Kabanov and Frumkin (1947) postulated the direct 
participation of hydroxyl ions in the kinetics of those processes. 
In their opinion, OH* ions function as a sort of a catalyst. The
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mechanism of the cuthodic deposilion and anodic dissolution of iron, 
cobull and nickel with Hie formation of intermediate particles of Ihe 
type I'eOH, FeOH+ or Fe FeOfI* was discussed later by Hcisler. 
Bockris, Fiscbcr and Lorenz, and by many other authors. Several 
schemes have been suggested to explain experimental data, in 
particular, the pH dependence of the reaction rate, the small slope 
of Tafel lino in pure solutions of sulphuric acid, its increase in the 
case of hydrochloric acid solutions and on addition of surface-active 
substances, etc. The Bockris scheme is given below by way of illustra
tion.

Fe2+ +  OH" =  FcOH*
FcOH + -i- e =  FeOII 

FcOlI r  e =  Fe +  O H '
Ilerc the entire process is split up into one chemical and two electro
chemical steps, the rale of the overall reaction being determined 
by the transport of the lirsl electron (the second step).



CHAPTER 23

Electrochemical Dissolution 
and  Passivity of M etals

Electrochemical dissolution of metals includes two basic groups 
of processes: enforced dissolution on application of a current (or 
anodic dissolution of metals) and spontaneous dissolution as a result 
of chemical interaction with the surrounding medium. The spon
taneous dissolution of a metal as well as its anodic dissolution are 
generally called corrosive destruction or corrosion of metals if these 
processes arc undesirable. These two groups of processes have 
both common and specific characteristics; often they are found to 
occur simultaneously.

23.1. ANODIC DISSOLUTION O f METALS

23.1.1. GENERAL DESCRIPTION OK THE PROCESS

M e ta l l ic  anodes are widely used in the electrochemical industry. 
The following requirements are to bo met by anodes depending 
on the process involved.

1. An anode must dissolve quantitatively with the formation 
of aquo-ions (or complex ions) of only one valency. These require
ments must be met in the production of certain eleclrodepositcd 
coatings, for example, in copper-plating, nickel-plating or zinc- 
plating processes. If a copper-plating process is conducted in acidic 
baths, it is necessary that copper be dissolved and pass into solution 
as bivalent ions. The reaction

Cu =  Cu+ H- e

is undesirable here since the accumulation of univalent ions of cop
per in excess of the equilibrium concentration leads to the deposi
tion of metallic copper in the form of powder in consequence of the 
disproportionation process:

2Cu+ =  Cu -p Cu2+

In the presence of such powder, which finds its way to the cathode 
surface, rough deposits arc produced instead of smooth ones (as requi
red lor electroplating).
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2. The dissolution of anodes must be selective, i.o.. one of (be 

components of the anode material is to dissolve quantitatively 
(often in the form of definite ions), while the others must not dissolve 
at all. An example is the electrolytic relining of copper. In this 
process copper dissolves ns cupric ions, while noble metals remain 
intact and accumulate at the bottom of the bath in the form of so- 
called sludge.

3. An anode must dissolve to give coherent solid products of tbe 
interaction of its ions with the other ions present in the solution 
or w ith anodically evolved oxygen. Examples are the anodizing 
of aluminium, the bluing of steel, the charging of the positive pole 
of a lead accumulator, phosphaling.

4. An anode must dissolve with the simultaneous smoothing and 
brightening of the surface (electropolishing). It need not dissolve 
quantitatively in this case and part of the current may be consumed 
for oxygen evolution.

5. An anode must not dissolve at all. and the only electrode 
process must be the evolution of a gas, most frequently oxygen. 
This requirement must be met in the electrolysis of water, electro- 
winning of zinc, chrome-plating, and also in the electrolysis of 
solutions of alkali metal chlorides. In the latter case, the anode 
must provide, apart from stability, the predominant evolution 
of chlorine, and impede oxygen evolution.

If, under the influence of an external current, the amount of dis
solved metal is greater than would he expected on the basis of Fara
day’s laws, it will mean that the anodic dissolution of the metal 
is accompanied by its spontaneous dissolution, i.c.. the metal 
is simultaneously subjected to corrosion. If the anode, which must 
be stable under the given conditions, in fact dissolves as a result 
of cither the application of an external current or the interaction 
with the surrounding medium, this will indicate the simultaneous 
occurrence of anodic dissolution and corrosion.

Which of these cases of the anodic behaviour of metals will actually 
occur depends on the nature of the metal itself and on the composi
tion of the solution, in particular on its plf. Current density and 
temperature are also important here. The same metal may behave 
either as a soluble or as a stable anode, depending on the particular 
conditions.

The probable behaviour of each metal can be estimated by using 
polenlial-pM diagrams (Pourbaix diagrams). They enable one to 
establish the thermodynamically most probable regions of poten
tials, pH and concentrations of metallic ions corresponding to the 
different electrochemical behaviour of a given metal. For example, 
from the potential-pH diagram for zinc (Fig. 23.1) it con be seen 
that in the region of acidic solutions at potentials above the straight 
line 1 zinc dissolves to yield hydrated ions ZnJJ. When a pH value

32*
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of 6.5 is reached, sparingly soluble zinc hydroxide Zn(OlI)* may 
be formed and the dissolution of zinc is hindered. The hydroxide 
region is limited by straight lines 2. 3, and 4. At p ll =  14 zinc 
will again readily pass into solution, this lime as anions ZnO^„,), 
which are readily soluble in alkaline solutions and do not impede 
the anodic dissolution of zinc or its corrosion. This region is limited 
by straight lines 4 and 5 and the ordinate axis. Below the broken 
line 1-3-5  is the region of stability  of zinc, where its dissolution

is thermodynamically improbable. The potential-pi I diagram in 
Fig. 23.1 refers to the special case where the activity of zinc ions 
in solution is 10' 2 mole litre. At a different activity the disposition 
of the regions will change somewhat. Pourbaix and his colleagues 
plotted potcntial-pll diagrams for most metals and a number 
of alloys for four activities of metallic ions (1. I l l 1 0 ~ 4. and 
1 0 '6 mole'litre).

23.1.2. ANODIC. DISSOLUTION OF METALS 
WITH FORMATION OF READILY SOLUBLE COMPOUNDS

The anodic dissolution of a metal, in which metal passes into 
solution as simple hydrated ions or as complex ions is in many respects 
the reverse of the cathodic deposition of metals. In the case of simple 
hydrated ions, the overall reaction of anodic dissolution may be 
written in the form of the equation

[Ml -I- *1-1*0 =  Ms+.*1-1*0 +  ze (23.1)

and for complex ions the overall reaction is

[Ml +  x A -  +  y l l 20  =  MAi"*.01-1*0 + (23.2)
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In contrast to the cathodic deposition of metals, the anode process 
begins with the destruction of the crystal lattice of a metal and 
ends with the formation of metallic ions in solution. The direction 
of each individual step is also reversed. For example, the destruc
tion of the crystal lattice of a metal replaces its formation, and 
the ionization of metal atoms replaces the discharge of ions. etc.

Metals are anodically dissolved usually at potentials more positive 
than the correspoding equilibrium potentials, i.c., their dissolution 
is accompanied by anodic polarization. The value of polarization 
can be determined by the equation

Ae =  ae i -  e r (23.3)

where ne; is the potential of the metal under the conditions of anodic 
dissolution at a current density i.

Anodic polarization may be ascribed to the slow occurrence of the 
transport, solid-phase destruction or ionization step. In the cathodic 
deposition of metals the slow transport step. i.e.. the insufficient 
in itial rate of transport to the electrode of the ions to be discharged, 
shifts the electrode potential in the negative direction. In the anodic 
dissolution process, the slow rate of the removal step results in the 
accumulation of the formed metallic ions near the electrode and, 
accordingly, displaces its potential to the positive side.

An analogous situation is also observed when any other step 
is slow. In view of this, at not-too-large deviations from the equili
brium state, a certain symmetry is observed in the cathodic deposi
tion am! anodic dissolution processes. For example, the anodic 
polarizaiion of mercury, silver, thallium and cadmium is found 
to be close in magnitude to the cathodic polarization of the same 
metals at equal cathodic and anodic current densities, i.e.. at equal 
rates of deposition and dissolution. Likewise, the variation of the 
anodic and cathodic overpolenlials with increasing current density 
obeys approximately the same law for these metals.

A sim ilar analogy is observed in the character of change of the 
metal surface during deposition and dissolution.

The energy of removal of a single structural unit of the crystal 
lattice depends on the site which it occupies on the crystal surface 
(Fig. 23.2). The most weakly bonded structural units are those 
located at the corners of the crystal, where each of them is surround
ed by only three nearest neighbours. The passage of such a struetural 
unit from the crystal lattice into solution is effected easily al so 
because the largest number of water molecules can approach it since 
three of its sides face the solution. For a structural unit to be removed 
from a crystal edge the bond energy of four nearest neighbours 
has to be overcome, and from any point on the crystal face, five neigh
bours. The possibilities of contact with water molecules and, 
hence, of attractive forces being exerted by them are also more
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limited in these cases. The anodic dissolution of perfect crystals 
begins therefore from the corners and edges of a crystal and gives 
rise to surface formations similar to two-dimensional nuclei. Just 
as in the case of cathodic deposition of a metal, ils anodic dissolu
tion is favoured by the presence of defects and disturbances in the 
lattice structure, including dislocations.

The similarity in the behaviour of normal metals during their 
cathodic deposition and anodic dissolution is also revealed with 
respect to effects associated with the composition of the solution. 
The activating effect of surface-active anions and the inhibiting

Fig. 23.2. Model ot a dissolving crystal face showing pnurgi'licallv nonequiva- 
lont positions of a .structural unit of’llio lattice

effect of foreign cations are also observed in the anodic dissolution 
process.f Hut in Ibis case the effect of anions is slongor and that 
of cations weaker than in the cathodic process.

For metals such as copper and zinc the symmetry of anodic and 
cathodic processes is manifested in a lesser degree. Their anodic 
dissolution usually proceeds more easily than their cathodic deposi
tion.

A still larger difference is observed in the case of inert metals. 
The anodic polarization in the dissolution of the Fe-group metals 
is appreciably weaker than their cathodic polarization (at the same 
current density). Nevertheless, here loo it reaches several tenths 
of a volt and considerably exceeds the anodic polarization associated 
with the dissolution of intermediate and normal metals. The sequence 
of metals arranged according to increasing metal overpolenlial 
(see lable 22.1. page 481) thus reflects also the order of increasing 
polarization in their anodic dissolution.

The behaviour of metals during anodic dissolution has not been 
studied so completely as their cathodic deposition. The experimental 
data obtained so far still indicate the applicability of the basic
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concepts of the theory of electrochemical overpotential to metals 
of the Fe group. For instance, the kinetics of anodic dissolution 
of iron and nickel are described by Tafel’s formula:

r|a =  aa +  ba log i (23/i)
which can easily he obtained from Eq. (16.68) if the rate of the 
discharge reaction is ignored compared with the ionization rate.

Experimental Tafel slopes arc not always in agreement with 
the theory of slow discharge. For example, the coefficient b,. for 
the dissolution of iron in sulphuric acid solutions is only about 
0.03.

If it is assumed that iron is dissolved anodically as ferrous ions 
(the most probable process), then the coefficient a, calculated from 
the equation

‘- 2.303^ - ^

is found to be equal to unity. This value of a  is difficult to explain 
from the standpoint of the slow-discharge theory without assuming 
that the detachment of electrons occurs as a two-step consecutive 
process.

Apart from the transfer of electrons, the overall reaction of anodic 
dissolution of iron and. evidently, of other metals of the Fe group 
includes pure chemical steps involving anions, primarily hydroxyl 
ions, which catalytically accelerate the anodic process. The dissolu
tion of iron in concentrated sulphuric acid solutions may be described, 
for example, by the following scheme:

Fe -- O H ' =  FcOH,lf/3 +  e 
FcOHudJ =  FeOHjdJ -!- e 

FeOIIodJ +  nH ,0  =  Fe-nlEO2* 4- Oil~ 

where the second step determines the rate of the ovcral. process.
There are a large number of experimental data which indicate 

that the anodic dissolution of other metals also involves OH" ions, 
though the chemical polarization in the anodic dissolution of normal 
metals is probably determined mainly by the destruction of the 
crystal lattice.

The kinetics of anodic dissolution of metals must depend not 
only on the concentration of hydroxyl ions but on the anionic com
position of the solution in general. It was usually assumed that 
other anions are capable, in a greater or lesser degree, of displacing 
OH" ions from the surface of the metal being dissolved and thus 
reducing their catalytic effect. This point of view is borne out, 
for example, by the fact that the rate of iron dissolution decreases 
in  going from sulphate to chloride solutions with the same pH value.
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The surface activity of Cl" ions is higher than that of SOJ" or 
IlSOj ions and Cl" ions displace a larger number of O il" ions, 
i.e., reduce more noticeably their catalytic effect on the dissolution 
process. However, it was shown by Kololyrkin and coworkers that, 
in a more general case, any anions, like O il" ions, are capable of 
catalyzing the anodic dissolution of metals. The net effect is there
fore determined by the particular conditions of dissolution. In the 
region of small pH values, where the concentration of hydroxyl 
ions is low and the coverage of the surface of the metal being dis
solved with these ions is insignificant, other anions, say. sulphuric 
acid anions, may be adsorbed on free sites of the surface without 
reducing the surface concentration of hydroxyl ions. Under these 
conditions the rale of dissolution must increase with increasing 
total concentration of anions. At high pH values when the concentra
tion of OH" ions and the surface coverage are high, the effect of displa
cement of hydroxyl ions by other anions becomes predominant and 
the dissolution rate may decrease with increasing total concentration 
of anions.

23.2. THE PASSIVITY OF METALS
23.2.1. GENERAL CHARACTERISTICS OF THE PASSIVE 

STATE OF METALS

A metal dissolving under the influence of anodic polarization 
may lose this ability if the conditions are changed and thus become 
an insoluble anode. This transformation of a soluble anode to an 
insoluble one is a special case of the passivation (or passivity) of 
metals. The phenomenon of metal passivation was discovered by- 
Lomonosov and described in ‘■Dissertation on the action of chemical 
solvents in general” (1738). Lomonosov noted that iron acted upon 
by a concentrated solution of nitric acid ceased to dissolve. Kver 
since the passivity of metals is understood to mean their ability 
to assume such a slate in which they no longer participate in proces
ses which are ordinarily typical of and thermodynamically possible 
for them.

I he passivation of a metal is achieved not only- through the action 
of corresponding oxidizing agents (an example being the passivation 
of iron by a concentrated solution of nitric acid). Metals can be 
passivated by other methods as well, for example, by anodic pola
rization. This phenomenon is most readily delected on polentioslalic 
curves of anode potential versus current density. One typical polen- 
lioslalic curve is given in Fig. 23.3. In the region of potentials not 
too distant from the equilibrium or stationary potential of a metal 
under given conditions, the rale of dissolution of the metal with 
the formation of its ions is found to increase as the potential is 
shifted in the positive direction. This region of potentials corre-
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sponds lo llie active state of the metal, where it behaves as a solublo 
anode. When a certain value of potential (more positive than the 
in itia l value) is reached, the current density falls abruptly, which 
indicates th a t the dissolution process has suddenly become sluggish. 
In a ra ther wide range of potentials the current density and. hence, 
the ra te  of dissolution are almost constant and very low. This region 
of po ten tia ls corresponds to the passive state. The portion of the 
po ten tiostatic  polarization curve connecting the active-stale region

Fig. 23.3. Anodic potentiostatic curve for a metal capable of passivation

and the passivity  region represents the transient or prepassivating 
state. As the potential becomes still more positive, the current 
density  m ay rise again and the dissolution proceed at a faster rate. 
This region of potentials represents the transpassivity condition. 
I t  is usually  characterized by the dissolution of a metal with the 
form ation of ions of higher valency than in the case of its dissolution 
in the active slate. Thus, as the potential is shifted to more positive 
values, the m etal passes successively from the active state through 
the transien t (prepassivating), and passive stales to transpassivily. 
By sh ifting  the potential from positive hack to negative values one 
can make the metal pass through the same states in reverse order. 
The poin ts of transition from one state lo another are the most 
im portan t data  for the description of a potentiostatic curve. The 
potential e,, a t which the metal begins to change from the active 
to the passive sla te  is called the passivation potential. At a potential 
eoc the m etal is already passive. But when this potential is shifted 
to the negative side even by a small amount, the passive metal



Part Six . The Kinetics of Some Electrode Processes

becomes depassivated or activated. The polealial eflC is usually 
called the activation potential or the Flade potential (Flade was 
the first to describe it); the last terra is also oflen used to describe 
the passivation potential z,,. The next characteristic potential is 
the quantity e(p—the depassivation potential at which the metal 
passes from the passive state to transpassivity. Each of the regions 
of the potentiostatic curve lying between critical points is characte
rized by its own law of variation of the dissolution rate (the anodic 
current density) with potential. In the active-stale region the shift 
of the potential to the positive side increases the rate of dissolution, 
i.e.. the slope of the curve dild z  is greater than zero. When the prepas
sivating condition sets in, the rale of dissolution diminishes with 
increasing positive value of potential, and the slope d ild z  is negative. 
When the metal is insoluble (passive), the rate of dissolution is prac
tically independent of the potential, and the slope d ild z  may be 
taken equal to zero. In the transpassivity state, just as in the active 
state, the dissolution rate increases with potential, but the slope 
is different in absolute value. It should he noted that the transpassi- 
v ity region, i.e., the passage of the metal hack to the active state 
and the increase of its rate of dissolution, is not always observed 
at sufficiently high positive potential. Nonetheless, iii this case 
too, the current density is observed to rise after a certain poten
tial value is reached. However, here it does not mean I he resump
tion of the active state, but rather the beginning of oxygen evolu
tion. There are also cases where transpassivity is followed by 
a second passivity region, which may then be replaced by a new 
rise of current density associated with the dissolution of the metal 
(this time, with the formation of other ions) or with oxygen evolu
tion.

The detailed demarcation of the regions corresponding to different 
stales of a metal became possible owing to the use of the polentio- 
stalic method of tracing polarization curves. When the galvano- 
slatic method was used, many features of the anodic behaviour of 
metals escaped observation. Only abrupt changes of the potential 
could be delected, which, in the forward (from low to high current 
densities) and reverse (from high to low current densities) tracing 
of polarization curves, occurred at different current densities, indi
cating the existence of certain hysteresis phenomena (shown in 
Fig. 23.3 by dash-and-dot lines with arrowheads). However, long 
before the potentiostatic method was developed, Kistyakovsky 
(1910) proposed, on the basis of indirect data, a scheme of possible 
states of a metal, which largely coincides with that accepted at 
present.

The basic regularities of the passage of metals to different states 
were sludiedjand described almost simultaneously by many authors. 
Mention should be made of the work by Akimov, Batrakov, Toma-
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shov, Kolotyrkin, Prazek, Bonkoeffer, Franck, Stern, Edclanu, 
Okanioto, and other scientists. The transpassivity of metals was 
first treated in detail by Batrakov (1953) and Tomashov (1954). 
Based on the earlier observations by Akimov and Batrakov, Kolo
tyrkin for the first lime traced a full potentioslalic curve and proved 
experimentally that all state transitions of the metal (Fig. 23.3) 
can be effected either by its polarization or by introducing into the 
solution various oxidizing agents capable of providing the corre
sponding potentials. The peculiarities of the behaviour of metals 
under the conditions of their anodic polarization appear thus to be 
intim ately connected with the phenomena of passivity and trans- 
passivity.

23.2.2. THE FILM AND ADSORPTION THEORIES 
OF PASSIVITY

Data obtained so far only partly characterize the active, passive 
and transpassive stales and determine the conditions where each 
of these states can be attained. They yield no information concern
ing the cause of the passage of a metal from the active to the passive 
state and from the passive to the transpassive slate. Two theories 
have been suggested to account for the phenomenon of passivity— 
the lilm theory and the adsorption theory. In the film theory 
(Kistyakovsky). which owes its origin to Faraday, it is assumed 
that the passivation of a metal is caused by the formation of a thin, 
usually oxide, lilm on the surface of the metal, which ceases to 
interact with the surrounding medium and is thus protected from 
dissolving. This oxide film has a thickness of several molecular layers 
and it may be regarded as a phase oxide. The more perfect the 
structure of the oxide film and the less the number of cracks and 
defects, the more complete is the passivation and the lower the 
rate of metal dissolution. The validity of the film theory is proved, 
for example, by the fact that for many metals, e.g. copper, lead, 
silver and platinum, the passivation (ep) and activation (e<ic) poten
tials lie on either side of the reversible potentials of the corre
sponding metal-oxide electrodes. Likewise, the form of the depen
dence of passivation potential on the solution acidity often (for 
the above metals as well) corresponds to the pH variation of the 
potential of a metal electrode of the second kind:

Ep =  ej, -  0.06 pH

There are many cases, however, where the value of passivation 
potential cannot be related to the formation of auy one of the known 
oxides of a metal. For example, for iron the passivation potential 
ep =  4-0.58V, whereas the most positive of all the possible poten
tials of iron-oxide electrodes corresponding to the system Fe, FeO, 
Fe-jOj is only 0.22 V. Since the iron electrode is here the anode,
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this difference, one would think, is due to a high anodic polarization. 
But this explanation is invalid because the activation potential 
of iron, eac, is also close to +0.f)8V, though in this case the iron 
electrode is polarized calhodically. In this connection it was assumed 
that, in spite of the fact that iron dissolves predominantly as biva
lent ions, an oxide film may be formed with the participation of 
iron ions of a valency higher than 3. This is possible provided that 
iron is gradually oxidized by an excess of oxygen in the surface 
layer. Therefore, apart from the oxides FeO and FeoO.,, this oxide 
layer may also contain higher oxides, say Fe02, which are characte
rized by more positive potentials. The passivation of nickel, for 
example, is explained analogously.

The existence of surface films of a phase nature has been proved 
experimentally by Kislyakovsky, Izgaryshev, Akimov and their 
colleagues. F.vans (1930), who used specially selected solutions 
attacking only the metal and not the oxide film on its surface, 
succeeded in separating the film by carefully dissolving the underly
ing metal. Naturally, the continuity of the film had to be disturbed 
to a certain extent because otherwise the metal could not be dis
solved. The data of electron-diffraction and optical investigations 
also confirm the existence of a film on the surface of a passive metal 
and, in a number of cases, permit one to identify its composition 
and structure.

According to the film theory, transpassivity is ascribed to the 
change of the composition and structure of a surface oxide due to the 
formation of higher-valency ions, which disturbs the continuity of the 
film. The protective action of the film is thus reduced and the metal 
can dissolve again, this lime at more positive potentials and usually 
in the form of higher-valency ions. In the film theory, according 
to which passivity is caused by a surface oxide layer, much atten
tion is paid to the formation and growth of this oxide layer. The 
main factors controlling this process arc the potential of the metal 
and also the concentrations of metallic and hydroxyl ions. The 
potential of the metal must he sufficiently positive to provide the 
stability  of the given oxide. The concentrations of metallic and 
hydroxyl ions must be sufficiently high for the corresponding prin
cipal salts or hydroxides to be formed. These compounds are then 
transformed to produce passivating oxides. Passivity will set in the 
more easily, the higher the electrode polarization in anodic metal 
dissolution and the lower the rale of removal of metallic ions from 
the electrode surface.

According to the adsorption theory, passivity is not necessarily 
connected with the formation of a polymolecular oxide film. It can 
be achieved through the retardation of the metal-dissolution reaction 
caused by adsorbed oxygen atoms. Oxygen atoms may appear on tho 
metal surface from the discharge of hydroxyl ions (or water molecules)
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at potentials lower than those at which oxygen is evolved or oxides 
are formed. The adsorbed oxygen atoms passivate the mela) either 
by forming a continuous monomolecular layer on its surface or 
by blocking the most active centres, or else by changing the effective 
potential difference across the metal-solution interface. The sugges
tion that a continuous monomolecular layer of oxygen atoms is 
responsible for the passivation of a metal offers nothing radically 
new compared with the lilm theory, the more so that such a layer 
is scarcely distinguishable from a surface oxide. As regards I lie 
amount of oxygen, a monomolecular layer of its closely packed 
adsorbed atoms or molecules is equivalent to 2-'i molecular layers 
consisting of a surface oxide.

Of much greater interest is the possibility of passivation by 
blocking active centres on the surface of a dissolving metal or by 
retarding the dissolution process clcclrocheinically. The surface 
of a dissolving metal being energetically nonuniform, the passage 
of its ions into solution from the various parts proceedsal different 
rales. If a certain number of oxygen atoms or molecules (too small 
to cover the entire surface) are adsorbed on sites where the metal 
is dissolved most easily, this will result in an abrupt fall in the 
overall rale of dissolution, entirely out of proportion with the 
surface covered with oxygen. This decrease of dissolution will 
increase polarization, i.e., will shift the anode potential to the 
positive side. This shift of potential will favour further oxygen 
adsorption and the attainment of the passive state. The next equal 
amount of oxygen will further decrease dissolution, though not 
so markedly as previously since this lime less active centres are blo
cked, etc. If the difference in energy between the various parts 
of the surface is considerable, this mechanism of selective adsorp
tion will decrease dissolution down to the value usually observed 
in the passivity region.

Still more effective is the adsorption-electrochemical mechanism 
of passivation (Ershler, Kabanov, Kololyrkin, and others). The 
validity of this mechanism is confirmed, for example, by data 
on the dissolution of platinum. The rale of its dissolution in ‘hydro
chloric- acid at a constant potential is exponentially dependent 
on the surface concentration of oxygen.

To provide a four-fold decrease of dissolution it is sufficient 
to deposit an amount of oxygen capable of covering about i per 
cent, of the electrode’s visible surface. '1 he next equivalent amount 
of oxygen will lower the rale of dissolution by the same factor 
i e., the initial value will be reduced 16-fold; still another portion 
of oxygen will bring the figure down to 1 0 'ilh of the initial rate 
of dissolution, and so on until the dissolution of platinum sIods 
This exponential dependence is explained by Ershler as being dup 
to the displacement from the double layer of an equivalent number
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of anions by adsorbed oxygen atoms (which play the role of the 
negative end of the metal-oxygen dipole). The decrease in the number 
of anions in the double layer will accordingly lower the ionic poten
tial difference, the total melul-solulion potential difference remain
ing unchanged. According to the laws of electrochemical kinetics 
this must result in an exponential decrease of the rale of ionization, 
i.c., the rale of metal dissolution will drop down to the value obser
ved experimentally.

The retardation of the dissolution process by the adsorption 
mechanism must be of special importance at the stage of transition 
from the active to the passive state.

Irrespective of which of these theories is considered more valid, 
the occurrence of passivation and the passive state proper must 
be related to the decrease of the rale of metal dissolution. It has 
therefore been suggested that passivity he defined as the stale of 
the increased stability of a metal or alloy resulting from I lie hindered 
anodic process (Tomashov).



CHAPTER 24  

Electrochemical Corrosion of Metals

24.1. GENERAL DESCRIPTION OF CORROSION 
PROCESSES

Corrosion of metals is defined as the spontaneous destruction 
of metals jn the course of their chemical, electrochemical or bioche
mical interaction with the environment. Corrosion is an undesirable 
and undeli berate process. I he electrochemical dissolution of blister- 
copper anodes in copper-refining baths cannot be regarded as a 
corrosion process since it is a necessary and desirable link in the 
purification of copper. At the same time the electrochemical dis
solution of an iron anode in a water-electrolysis bath should be 
included in the category of corrosion processes since it is undesirable 
in this case. The erosion of the walls of iron tanks in which sulphuric 
acid is transported is considered corrosive destruction, whereas 
the dissolution of iron in sulphuric acid for the purpose of producing 
pure reactive iron sulphate is not regarded as corrosion, though 
both processes are based on the same phenomena.

Corrosion is a spontaneous process occurring predominantly with
out application of an external current. This feature of corrosj ' 
is easy to understand considering *hat tho*  metals (felToits 
nonferrousj are usually subject to corrosion which occur,,, 
as minerals or ores, and not in the " j B ct>rtajl “nihg of
" - « •  '»<■'«'.< < « -  t  *power. I he same metals, when i j s j,, which they occur ' shL
phidos. carbonates and other process results in ihP ’‘'><1̂
natural conditions. Since the corr ^  thermodynamic*!^. v«rv
°f Hie original com pound '^on.paniedI by a' “~ r ^ , - . W
stable I ban the pure metals. V <ponta»'*<n'1f :  not cor^ai <wS>
energy and therefore P ^ ' j ^ i n u m )  from those ^
»» a native slate (e.g. g o m a « o r « «  metals . £ '* 1̂  
c°nditions which do not ri!:jng l^ ained by all br«uct,G''acL 'b 
nat,..„ :s therefore n o l ^ ^ o n ^ ;  t0 twenty O f S

national economy are e^ nually nroSion- j* process. Ev0G a ^ a A  
Grrous metals produced » , 0 corf ^  ,h m«v ” a

i ,er great the direct »«*- caU?pH u ,? W ^gic-t p r a c n N  
' d®a of the actual d a * * , , pp a g e tec*« J  i
deterioration of a c ^ e r r - P *  S

service, upset and ^



>12 Part Six. The Kinetics of Some Electrode Processes

wastage of lime and materials, etc. The associated expenses are 
much higher than the cost of replacement material. For example, 
the relatively low cost of an underground lead cable length destroyed 
by corrosion stands no comparison with the expenses on the work 
required to locate the damage, remove the ground and repair the 
cable.

24.2. CLASSIFICATION OF CORROSION 
PROCESSES

A distinction is made between chemical, biochemical and electro
chemical corrosion of metals.

Chemical corrosion of metals is spontaneous destruction governed 
by the laws of ordinary heterogeneous chemical reactions. The 
destruction of metals attacked at high temperatures by aggressive 
gases which prevent condensation of moisture on the metal surface, 
and also, evidently, the dissolution of metals in contact with non 
conducting organic media belong to the category of chemical cor 
rosion processes.

Biochemical corrosion, or biocorrosion, is caused by the vital 
activity of various microorganisms using a metal as a culture medium 
or evolving products which attack the metal. Biochemical corrosion 
usually accompanies other types of corrosion. Soils of definite compo
sition, stagnant waters and certain organic products greatly favour 
the progress of biochemical corrosion.

Fleclrochcmical corrosion is encountered more frequently than 
other types of corrosive destruction and is most dangerous to metals. 
It may occur in a gas atmosphere, when moisture condenses on the 
metal surface (atmospheric corrosion), in soils (soil corrosion) and 
in solutions (liquid corrosion). Fleclrochcmical corrosion is governed 
by the kinetics of electrochemical reactions. Its rale can be deter
mined on the basis of Faraday's law.

A special case of electrochemical corrosion is eleclrocorrosion, 
i.c., corrosion caused by an external electric current. Apart from 
the destruction of insoluble anodes, eleclrocorrosion includes the 
corrosion of pipelines with current-conducting liquids flowing 
through them and also the dissolution of the wails of electrolytic 
baths and underground metal structures under (he influence of a 
direct current from hare electric lines (stray-current corrosion). 
The stray currents may set up a potential difference between two 
portions of a metal structure, one receiving current from some external 
source of electrical energy (cathodic area) and the other acting 
as the anode (anodic area), from which the current flows into the 
surrounding ionically conducting medium, Lhe anodic portion being 
destroyed.

According to the mode of destruction accompanying electroche
mical corrosion, a distinction is made between general corrosion,
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affecting the entire surface of a metal, and local corrosion, confined 
to definite parts of the metal surface. In the latter case corrosion 
may result in stains (slain corrosion) or pits (pitting). This cor
rosion may involve grains of a single component of a metal alloy 
(selective corrosion), penetrate all grains, thereby forming narrow 
cracks (iranscryslalline corrosion) or, finally, concentrate along 
grain boundaries (intergranular or intcrcryslalline corrosion). The 
rale and nature of electrochemical corrosion are largely determined 
by the nature of the metal and its environment. According to the 
rate of corrosion in a particular medium metals arc classified as 
stable and unstable. Based on the rate with which a given medium 
corrodes the metal, it is defined either as aggressive or nonaggressive. 
Various conventional scales have been suggested to estimate the 
corrosion resistance of metals and the aggressiveness of media. 
The rale of corrosion is expressed in several ways. The weight and 
current indices are used most frequently. The first shows the weight 
loss (in grams or kilograms) per unit time (second, hour, day, year) 
referred to a unit area (square centimetre, square metre) of a test 
specimen. In the second case the corrosion rale is given in terms 
of current intensity (in amperes or inilliamperes) per unit surface 
area of the specimen.

24.3. CONDITIONS FOR THE OCCURRENCE 
OF A CORROSION PROCESS

The corrosion of metals is a special case of nonequilibrium elec
trode processes; at the same lime it has its own specific features 
distinguishing it from other irreversible electrode processes. The 
application of an external current is not a necessary precondition 
for a corrosion process and nevertheless the dissolution of a metal 
under corrosion conditions proceeds at rales comparable to those 
observed in the dissolution of metallic anodes in industrial electro
lyzers. For example, in zinc-plating processes the anodic current 
density ranges from 50 to 500 A/nr, depending on the composition 
of the electrolyte used, and the rate of corrosion of technical zinc 
in l.V IUSO; is equivalent to a current density of 100 A/nr. i.e., 
is of the same order of magnitude. The factors responsible for such 
high rales of metal dissolution in the absence of an external anodic 
current, are hidden in the specificity of the corrosion process.

Suppose that a piece of a metal M is brought into contact with 
an aqueous solution of its salt MA; after some time a potential 
will be set up at the metal-solution interface, which will then 
remain practically unchanged. This constant (or almost constant) 
value corresponds either to an equilibrium between the metal and 
the solution or to steady-state conditions of an electrode process. 
Which of these cases is actually realized is determined primarily
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by the magnitude of the electrode potential. If the thermodynamic 
electrode potential of the metal has a value at which, under the 
given conditions, all processes, other than the exchange of metallic 
ions between the metal and the solution, are excluded, the final 
value of the potential will correspond to its equilibrium value under 
the given conditions. Under equilibrium conditions the rale of ion 
transfer in two opposite directions will be the same and equal to 
the exchange current:

h t  =  7xi =  /Si
and the potential attained will correspond to the thermodynamic 
value. An example of such a system is silver immersed in a solu
tion of silver nitrate.

The situation is changed substantially if the thermodynamic 
electrode potential of the metal has a value at which, apart from 
the ionization and the discharge of metallic ions, at least one addi
tional electrode process is possible. In this case, charges are transfer
red across the metal-solution interface by two species of particles 
instead of one. The constant potential does not necessarily imply 
here the attainment of the equilibrium stale. It only indicates 
that the total number of charges crossing the interface in one direc
tion is equal to the total number of charges crossing it in the opposite 
direction, i.e., that

r - r  (24.1)
If it is assumed that the additional electrode process is the evolution 
and ionization of hydrogen, so-called corrosion with hydrogen depo
larization, then one can write in place of Eq. (24.1):

hi Jr 7„ =  i.M +  i„  (24.2)
where M refers to a metal and II to hydrogen. If the rates of all 
partial processes are comparable and none of these rales can he 
ignored in Eq. (24.2), the steady-slate mixed potential will cor
respond neither to the potential of a metal electrode of the first 
kind (or a metal electrode of the second kind, if the metal is covered 
with a layer of its sparingly soluble compound) nor to the hydrogen 
electrode potential. It will be a certain mixed potential dependent 
on the ratio of the rales of all the partial reactions (Fig. 24.1). It 
may happen, however, that the potential of a given electrode does 
not differ markedly from either the hydrogen electrode potential 
or the potential of a corresponding metal electrode. Indeed, though 
the partial currents in Eq. (24.2) do not correspond to the exchange 
currents under equilibrium conditions, they must still vary together 
with exchange currents. Therefore, if the exchange current of the 
metal, if,, is much higher than that of hydrogen, if,, it may be
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assumed, lo a certain approximation, that

and
l'.M »  'H 

'H »  tj|
Then, in place of Eq. (24.2) one can write

i.u w  i'm
Hence, the behaviour of a corroding electrode corresponds lo that 
of a reversible metal electrode, and the steady-stale mixed poten
tial is close lo the equilibrium potential of a corresponding mclal

electrode (Fig. 24.2) and must vary with the concentration of metal
lic ions according to Nernsl’s formula. The variation of the solution 
pH does not here afTect markedly the stationary potential. Thus, 
the stationary corrosion potential efor is reduced here to the rever
sible potential of the metal, Mer, i.e., 

e« f «  H
Examples of such systems are the decomposition of amalgams and 
the electrochemical dissolution of zinc.

Conversely, if the exchange current of hydrogen is much higher 
than that of the metal, then

i'm «  »h



and, to a certain approximation,

' h ~  'ii
In this case the mixed potential is close to the hydrogen electrode 
potential under the given conditions (Fig. 24.3). Its value varies 
regularly with pH of the solution and is almost independent of the 

concentration of metallic ions. Thus, 
here the stationary potential is redu
ced to I lie hydrogen electrode poten
tial, i.c.,

'cor »  ner

The corrosion of iron in weakly acidic 
solutions is an example.

The necessary condition for ele
ctrochemical corrosion is the simul
taneous occurrence, on the surface 
of a corroding metal, of ionization 
and discharge of its ions and any other 
electrode reaction proceeding predo
minantly in the cathodic direction. 
In aqueous media containing no oxi
dants other than hydrogen ions and 
dissolved oxygen, this condition is 
met only if the equilibrium potential 
of the metal is more negative than 
the equilibrium potential of the 

hydrogen or oxygen electrode in a solution of a given compo
sition. The introduction into the solution of other oxidants with 
a more positive equilibrium potential increases the number of 
corrodible metals1'. For example, silver, which is stable in aqueous 
solutions of nonreducible acids, corrodes on addition of an oxidant 
with j a potential more positive than the equilibrium potential 
of a silver electrode.

24.4. THE KINETIC THEORY OF CORROSION 
AND ITS APPLICATION TO PURE METALS 

The possibility of the dissolution of a metal indicates that under 
given conditions the rale of ionization is higher than the rate of

Though the presence of a stronger oxidant in the solution increases the 
thermodynamic probability of corrosion, it docs not necessarily increase its

Fig. 24.3. Scheme for the mixed 
(stationary) corrosion potenti
al ecor being attained when the 
exchange current for a metal is 
lower than that for hydrogen:
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In the absence of externally applied current and with the potential 
remaining unchanged this ratio of the rates is possible if the rale 
of discharge of hydrogen ions exceeds the rate of the reverse process 
by the same amount, i.e.,

The corrosion rate ieor may be represented as the difference between 
the rate of ionization and the rate of discharge of metallic ions

/ „ , =  Tm - T m (2i.3)

Since Eq. (24.2) is valid for the corrosion process, one can also 
write in place of (24.3)

icor =  «h — «h (-,,.4)

and define the corrosion rate as the difference between the rate 
of discharge of hydrogen ions and that of ionization of hydrogen 
molecules. This permits calculating the rate of corrosive destruction 
of a metal from data on the kinetics of the evolution and ionization 
of hydrogen in corrosive conditions.

The application of these principles to the calculation of the rate 
of self-dissolution of metals may be illustrated by the corrosion 
of zinc and iron in a solution of pH = 0 and unit activities of the 
corresponding metallic ions. Under the conditions chosen the poten
tial of zinc (assuming that only the exchange of its ions between 
metal and solution is taking place) must correspond to its standard 
potential, i.e., —0.76V. At this potential, however, the exchange 
of zinc ions is not the only possible process. The value of this poten
tial is considerably more negative than the potential of the equili
brium hydrogen electrode, which is ± 0 .0V in a solution of pH = 0 . 
Therefore in this case the evolution of hydrogen is also possible, 
proceeding at a rale determined by the kinetics of this reaction 
on a zinc electrode.

The steady-stale value of the potential will be intermediate 
between the zinc potential and the hydrogen potential, i.e.. it 
must lie somewhere between zero and —0.76V on the hydrogen 
scale. Its actual position between these two values depends on the 
exchange currents of the competing reactions. The exchange current 
on zinc is about 10"6 A/cnr, and that on a zinc electrode, about 
10-'° A/cnr. From this ratio of exchange currents it follows that 
the stationary potential of the zinc electrode under the condilims 
in question may be reduced to its equilibrium potential, i.e.. it mi.sl
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nol differ markedly from —0.70V. At I lie same lime Ihc steady-slate 
potential is shifted far to the negative side from the potential of 
the reversible hydrogen electrode. It will correspond to Ihc hydrogen 
overpolcnlial. which is close to —0.70V, since

'in =  to -  ner =  -0 .7 0  -  0.00 =  -0 .70V

At this deviation from equilibrium the rale of hydrogen ionization 
may he ignored, in which case liqs. (24.9) and (24.4) may be rewritten 
in the form

'cor =  7„ -  7„ =  7„ (24.5)

Knowing the stationary potential and the corresponding hydrogen 
overpolcnlial, one can easily calculate the rale of hydrogen evolu
tion 11| and, hence, the metal corrosion rale icor. In the case under 
consideration both the stationary potential of zinc, Znt cor, and 
the hydrogen overpolcnlial Zni|n are equal to — 0.70V. Substituting 
into Tafel’s formula

i) =-■ a ■ b log i

the values of a and b (see Table 19.1. page 41 o) for hydrogen evolu
tion at zinc front acidic solutions (at pll -- 0 ) and the value of 
hydrogen overpolcnlial at the stationary corrosion potential, one

-0 .7 0  =  —f .24 -  0.12 log 7„

/ „ - 1 0  =  1(HA ent*
Thus, the rale of corrosion of pure zinc under the chosen condi

tion is 10'J A/cm* or 1 A/'m*. 'I'll is value is in good agreement with 
experimental data on the corrosion of pure zinc. At the same time 
it is considerably lower than the rate of corrosion of technical zinc.

In the case of iron the standard electrode potential is —0.44V. 
Therefore, as with zinc, one should reckon with hydrogen evolution 
and. hence, the steady-slate conditions will be given by Kq. (24.2). 
But. in contrast to zinc, the ratio of exchange currents here is entirely 
different. The exchange current of iron is of the order of 10‘ 9 A/cm*. 
and for hydrogen on an iron electrode in acid solutions it reaches 
10'° A'cm*. It can therefore be expected that the stationary poten
tial of iron under the conditions of acidic corrosion must differ 
markedly from its reversible potential; it will be shifted to the side 
of negative values, i.e., in the direction of the equilibrium poten
tial of the hydrogen electrode. This conclusion agrees with expe
rimental evidence and is additionally confirmed by the fact that iron 
behaves like a hydrogen electrode within certain ranges of pH values.
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The rule of iron corrosion can also he calculated provided its slation
ary potential and the overpolenlial at which hydrogen is evolved 
on it  are known.

The phenomena of electrochemical corrosion were lirsl kinclicatly 
interpreted hy h'rumkin (1932), who noted that the decomposition 
of alkali-metal amalgams obeys the laws of electrochemical kinetics. 
This idea was treated quantitatively hy Wagner and Trarnl (1938). 
who succeeded in obtaining good agreement between theory and 
experimental data on the rates of decomposition of zinc amalgams. 
Similar views were expressed hy Shullin. Dunlin, and a number 
of other authors. The usefulness of the laws of electrode kinetics 
for quantitative description of the corrosion of solid metals was 
proved hy Kololyrkin and also hy Scorcellelti. drill, and others. 
The works of these scientists have exerted a considerable influence 
on the formulation of modern concepts of corrosion processes and 
contributed to the establishment of a link between electrochemical 
science and the theory of metal corrosion. I he kinetic theory of 
corrosion is often called incorrectly the “homogeneous-electrochemi
cal theory" or “homogeneous-electrochemical mechanism" of cor
rosion. The term “homogeneous" should not he applied to the corro
sion process, which always lakes place at the interface between two 
phases at least and is therefore a typical heterogeneous process by 
its nature. It would he more correct to call it the kinetic theory.

24.5. CORROSION OI; TECHNICAL METALS 
All the considerations expressed above concerning the corrosion 

process and the calculations based on them referred to the electro
chemical dissolution of a pure metal with a surface completely 
homogeneous in its properties. In practical situations, it is technical 
metals that are usually subject to corrosion, i.e., metals containing 
impurities of other metals and nonmelallic substances. Inclusions 
of foreign metals can always he detected on the surface of these 
metals. Besides, the surface of technical metals is usually covered 
with products of their interaction with the environment, various 
contaminations, etc. Naturally, the heterogeneity of a metal surface 
and. primarily, the presence on it of foreign metals having different 
electrochemical properties must affect the rale of corrosion and its 
mode of occurrence. Technical zinc, for example, usually contains 
lead, silver, and iron impurities. As follows from the values of stan
dard potentials, all these metals ure more electropositive than zinc. 
It may therefore be supposed that zinc alone is undergoing corrosion 
while the impurities remain intact. This assumption agrees with 
experimental data. Suppose that in each of these cases an impurity 
metal is present in such an amount that it occupies 1 per cent ol 
the entire surface of a zinc specimen in contact with an acid solution.
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If the conditions arc the same as in the case of pure zinc (pll p 
and az„2‘ =  1), the corrosion of zinc must involve hydrogen depo
larization and its rate is determined by the kinetics of hydrogen 
evolution on the corroding metal. In contrast to ullrapure zinc, 
in this case hydrogen can be discharged not only on zinc but also 
on an impurity metal. The overall rate of hydrogen evolution and. 
hence, the overall rate of zinc dissolution are therefore determined 
by the kinetics of hydrogen evolution at the principal metal and 
at impurity inclusions. Using the data of Table 19.1 and substituting 
them into Tafcl’s formula, we can write the following equations 
for the overpotentials at which hydrogen is evolved at the principal 
metal1' and at its impurity inclusions:

where m»h is the rate of hydrogen evolution on a given metal at 
the overpotential MqH; for ultrapure zinc it is denoted bv Zn'u- 
Hydrogen evolves at this rale on 99 per cent of the surface’ of the 
metal, namely, on zinc. On the remaining part of I In- surface (1 per 
cent) occupied by an impurity the evolution of lndrogen proceeds 
at the rate mi'h determined by the hydrogen overpotenlial on 
a given metal. Hence, the overall rale of hydrogen evolution on the 
entire surface of the technical metal may be writ ten as

zn>lH =  —1.24 — 0.12 log Zn/H 
Pb’lH =  —1.56 — 0.12 log Pb(H 
Ag'ln =  —0.95 — 0.12 log Agin (24.8)

(24.6)
(24.7)

and
re^n =  —0.70 — 0.12 log i.-cri (24.9)

‘o r  =  i'll - 0.99 z„(„ -f 0.01 j,/„ (24.10)

Pb'lH =  ZnllH =  ZnF ci, -■ -  l[Cr

-1 .2 4  - 0.12 log 7.nfH =  -1 .5 6  -  0.12 log ,,biH
from which

=  10- 2- (24.11)

The values of Tafcl constant b for all molals arc rounded to 0.12.
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Substituting the value of pi,i'h into Eq. (24.10) for MiH. one obtains 

i-cor = in — 0.99 zni'n ~  0.01 x  10"2-7 zn*H =
=  (0.99 -r 0.00002) ZniH *  0.99Zn/H (24.12)

Thus, the presence in zinc of impurities of lead, a inelal with the 
higher overpotenlial, does not increase the rale of corrosion hut 
reduces it somewhat. Different ratios result if silver is present 
as an impurity. In this case the rate of hydrogen evolution at one 
and the same value of overpotenlial is higher on silver than on 
zinc, and the ratio of the rales is

a*!h =  1Q2.1
Zu‘H

Using this ratio, one can easily determine the change of the corro
sion rate in going from ultrapure zinc to technical zinc containing 
1 per cent of silver

*cor ~  iH =  0.99 ZniH 4" 0.01 X 102-4 ZntH =
=  (0.99 -T 2.5)zniH »  3.5z„iH (24.13)

Hence, the presence of silver in zinc must increase its rate of corro
sion. Under the conditions chosen this rate increases by a factor 
of 3.5. The increase of the rate of dissolution however is not the 
only result of contamination of zinc with silver. The nature of 
corrosion also changes. Indeed, whereas in the previous case all 
hydrogen evolved on the zinc surface, i.o., on the same surface 
where the dissolution (ionization) of zinc look place, here, as can 
easily be determined with the aid of Eq. (24.13). only 26 per cent 
of hydrogen is evolved on zinc, the remaining 74 per cent being 
evolved on silver. Silver will not dissolve since it has an electroposi
tive potential; only the cathodic process—hydrogen evolution — 
is possible on it. When containing inclusions of silver, zinc behaves 
as an anode and is the scene of the whole process of dissolution. 
Besides, zinc also plays the role of a cathode, providing the evolu
tion of onc-fourth of the total amount of discharging hydrogen.

A still higher increase of the corrosion rate and a more complete 
separation of the metal surface into the anodic and cathodic parts 
should be expected when zinc is contaminated with iron. In this 
case

iCOr = in  — 0.99 zid"h 4- 0.01 x 104 S zniii ~
=  (0.99 -f- 531) z„iH «  352z„/h (24.14)

and the corrosion rate must increase by 350 times'). The amount
"  The actual increase of the corrosion rate will not be so high since iron 

forms with zinc intormetnllic compounds on which (he overpotenlial is higher 
than on iron.



Fig. 24.4. Corrosion diagram (potential-current

lire anodically dissolving zinc, the negative one. Oil this basis 
the corrosion of a metal with inclusions of other metals is the result 
of the operation of local cells. „

This concept of metal corrosion was advanced more than 1W 
years ago hy de la Rive on the basis of observations of hydrogen 
evolution in the dissolution of zinc in an acid. Later, owing to tbe 
works of many scientists (Sluginov, Evans, Hoar, Mcars, Palmaer, 
Akimov, Tomashov, and others), these views were developed into 
the first electrochemical theory of corrosion, the so-called loca 
cell theory of corrosion.

According to the local-cell theory of corrosion the corrosion ra e 
(or the corresponding electric current produced by local vol,al® 
couples) depends not only on the electrochemical properties of ' 
electrodes of these couples hut also on the ohmic resistance of me 
medium in which the corrosion process occurs and which separates 
the anode from the cathode. The relation for the corrosion rate 
can be conveniently expressed with the aid of so-called corrosion 
diagrams (Evans diagrams). Figure 24.4 shows a corrosion diagram
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where (lie anode and cathode potentials or the potentials of the 
anodic and cathodic processes arc given as a function of the current. 
When (here is no corrosion and the current is equal to zero, the 
initial values of the anode and cathode potentials must correspond 
to the reversible potentials of the anodic (,,er) and cathodic (re.) 
reactions under given conditions. The potential difference between 
the anode and cathode potentials gives rise to a current in the system. 
At a current /  the anode potential is shifted, due to polarization, 
to more positive, and the cathode potential to more negative values. 
Let these quantities he equal to ae, and ce,. respectively. The diffe
rence between these potentials with a current flowing is smaller 
than that between the reversible potentials. Willi increasing current 
the difference between the anode and cathode potentials decreases 
continuously. In the limit it is equal to zero and the surface of the 
corroding metal is cquipotenlial. The current now corresponds to the 
maximum possible rate of corrosion m„.T/ ror under the given condi
tions and the potential of the metal becomes equal to ecor, which 
lies between „er and cer. This maximum current can be attained 
provided only (hat the resistance of the system is either zero or 
negligibly small. Mul if the ohmic potential drop is not zero, the 
corrosion rate will be equal to / cor, which is smaller than 
Under these conditions the ohmic potential drop is numeri
cally  equal to the length of section ab. During the corrosion process 
the anode potential will be A e m o r e  negative than (he cathode 
potential. Thus, the corrosion rale is a function of the difference 
between the reversible potentials of the anodic and cathodic reac
tions. eieelrode polarizability and the ohmic resistance of the cor
rosive medium. The effect of each of these factors on the corrosion 
rale is represented graphically in Fig. 2d.5 in the form of simplified 
corrosion diagrams. The corrosion rale decreases if the reversible 
potentials of the anodic and cathodic reactions become close to each 
other at a given resistance and constant polarizability of the electro
des (Fig. 2d.5n), i.e., I COr varies along with the quantity (rer —
The corrosion rale decreases with increasing total resistance in the 
system corroding metal'corrosive medium (Fig. 24.5b).̂  It also 
diminishes as the anodic or cathodic polarization increases (Fig. 24.oc 
and (I. respectively). Polarization increases when the anodic, and 
cathodic, reactions are additionally hindered or when the anodic 
and cathodic areas become smaller. When the surface area of a given 
electrode is reduced at a constant current, the current density at this 
•electrode increases and so does its polarization.

In the local-cell theory it was originally assumed that the cathodic 
and anodic processes are spatially separated and each of these reactions 
proceeds only on a definite part of the corroding metal surface. 
I t  was concluded on this basis that ideally pure melals with a 
highly homogeneous surface are not subject to corrosion. This conclu-



sion however is erroneous both from the thermodynamic and kinetic 
points of view. A necessary precondition for corrosion is a difference 
between the reversible potential of the metal and the potentials 
of the anodic and cathodic reactions possible under given condi
tions and not the spatial separation of cathodic and anodic areas. 
Depending on the extent of homogeneity of the metal-medium 
interface, the anodic and cathodic reactions may proceed on one
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r d,

Fig. 24.5. Corrosion diagrams illustrating the effect of various factors on Hie

and the same surface or on its different areas. The simultaneous 
occurrence of cathodic and anodic reactions during corrosion is 
typical of pure metals and amalgams; a more or less complete spatial 
separation of these reactions is characteristic of the corrosion of 
technical metals. The low stability of technical metals as compared 
with pure metals and also the change of the mode of corrosion are 
largely associated with the operation of galvanic microcells basis 
metal-inclusion.

Corrosion diagrams (potential-current curves) constructed on the 
basis of the local-cell theory are convenient for qualitative treatment 
of the corrosion process and for estimation of the possible effects 
of various factors on this process. At the same time the use of these 
diagrams in quantitative calculations of the corrosion rale entails 
considerable difficulties. The corrosion rate is determined by the
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change in the weight of a metal specimen per unit time referred 
to unit area of its surface or (in electrical units) by the current 
density icor. The corrosion diagrams presented in Figs. 2d.4 and 
24.5 are plotted in the potential-current coordinates, i.e., they do 
not include the current density, which is a direct characteristic 
of the corrosion rale. Additional data are therefore needed to cal
culate the current density. It is necessary to know the qualitative 
composition of a corroding metal in order to find out which compo
nents of the metal will act as the cathode and which as the anode. 
One has to find out the fraction of the surface represented by each 
cathodic and anodic area in order to determine the current density 
on any of these areas. Further, anodic polarization curves must he 
traced for all the anodic components and cathodic polarization 
curves Tor all the cathodic components. All this allows one to find 
the overall rale of the cathodic and anodic reactions and to identify 
the most effective anodic and cathodic components. Knowing the 
stationary potentials, one can, by summing up all the cathodic and 
anodic curves, plot a net corrosion diagram and use it to determine 
the maximum possible current. Assuming the ohmic potential drop 
to be small and knowing the proportion between the anodic and 
cathodic areas, one can calculate the rate of corrosion. This compli
cated method, which does not always yield unambiguous data 
(because cathodic and anodic reactions may occur simultaneously 
on one and the same surface area) is rarely used for quantitative 
estimation of the corrosion rate.

The rate of corrosion can bo more conveniently determined with 
the aid of the kinetic theory of corrosion. In this case cathodic 
and anodic polarization curves arc traced directly on the metal 
whose corrosion is studied. The overall rate of corrosion is expressed 
in te rm s of the current referred to unit area of the entire metal 
surface without separating it into anodic and cathodic areas. At 
the stationary potential the corrosion rate expressed in terms of the 
m etal-dissolution current referred to the entire surface area (i.e.. 
including cathodic areas) must be equal to the rale of the cathodic 
process, e.g. hydrogen evolution. If the cathodic polarization curve 
is traced, the rate of the cathodic reaction will be equal to the cur
rent divided by the total surface area of the test specimen, including 
the anodic areas. Thus, if the potential is stationary, the current 
densities for the anodic and cathodic processes must be equal if 
polarization curves arc traced by the method indicated.'> The ohmic 
potential drop is ignored here and hence the surface of the corroding

'* The actual cnthodic and anodic current donsilies may be diflorenl if the 
surface of the corroding metal has areas on which cither only a cathodic or only 
an anodic reaction may occur. This is not essential however when determining 
the overall rate of corrosion.
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melal is assumed lo be cquipolenlial.1’ Tlie form of combined pola
rization curves obtained by this method is shown in Fig. 2AX> (solid 
lines). The point of intersection of the anodic and cathodic polari
zation curves yields the corrosion rale on the abscissa, and the sta
tionary potential on the ordinate. Since near the stationary poten
tial the polarization data cease to fall within a semilogarilhmic 
plot, the corrosion rale is found from the point of intersection of the.-

extrapolated straight-line portions of the polarization curves (sec 
dashed lines in Fig. 24.6). A comparison of corrosion rates calcu
lated on the basis of polarization measurements with those obtained 
directly from the weight loss (or from the volume of hydrogen evolved 
in acid media) for lead, nickel and iron has shown that both rows 
of data coincide within experimental error. That is why the method 
of polarization measurements is widely used in quantitative studies 
of corrosion processes.

The stationary corrosion potential ecor lies, as a rule, between 
the reversible potentials of the anodic and cathodic processes causing 
corrosion. It is always more positive than the equilibrium potential 
of the anodic reaction and more negative than the potential of the 
cathodic reaction. Therefore, at the corrosion potential the rate 
of ionization iM of a melal is higher than the rale of discharge of

>> The validity of this assumption for most processes of electrochemical cor
rosion follows from the experimental data obtained by Tomashov and Akimov 
together with Golubev and also from the theoretical calculations carried out 
by Frumkin and Lcvich.
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metallic ions 7 M, and the rate of discharge of hydrogen ions 
is higher than the rale of ionization of its molecules iH. These ratios 
persist until the corresponding equilibrium potentials are attained. 
In this case the partial currents for each of the two processes will 
become equal to the corresponding exchange currents i'm and fjj. 
The continuation of the cathodic and anodic polarization curves 
from the stationary potential to the reversible potentials of the 
electrode reactions is shown in Fig. 24.6 by dol-and-dasb lines. 
The rale of corrosion is a function of the exchange current of the 
cathodic and anodic reactions. It rises with increasing exchange 
current (at the same equilibrium potentials). I he corrosion rate 
must vary along with the transfer coefficient a. Thus, corrosion 
diagrams enable one to relate the rale of corrosion to the kinetic 
parameters controlling its basic electrode reactions. Ibis relation 
can also be expressed analytically. At the stationary potential 
the corrosion rale must be equal to the rale of metal dissolution 
and also to the rale of the cathodic reaction (in the case under con
sideration. to the rale of the cathodic hydrogen evolution). On this 
basis one can write the following equation

where ni). and Mr|„ =  cathodic polarization for hydrogen evolution 
and anodic polarization for metal dissolu
tion. respectively 

a  and a', = transfer coefficients for hydrogen evolution 
and metal dissolution, respectively 

z =  valency of the metal.
During corrosion the hydrogen overpotenlial is equal to the difference 
between I he corrosion potential and the reversible potential of 
the hydrogen electrode under the given conditions:

An analogous equation is valid for the anodic polarization of the 
metal:

Solving Eqs. (24.15), (24.16) and (24.17) simultaneously yields 
the following expression for the stationary corrosion potential efor:

(24.15)

11 =  Ccor — II® r (24.16)

11m =  ®cor — Me, (24.17)

8cor =  2.303 RT
(O|+ot,s) F
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Substituting this value of ecor into Eq. (24.15) leads, after some 
transformations, to the equation

logi’eor — log (iH)il X2' 1 2.303 (ai — 3.2) RT ^H<!r uer)
(24.19)

In Eqs. (24.18) and (24.19), for simplicity, the subscripts a and 
II in .,tim and i]n are omitted and the quantity (1 — a.',) is denoted 
as a 2. Equations (24.18) and (24.19) are valid if the equilibrium

Fig. 2'i.7. Simplified polarization diagram for corrosion with oxygen depola
rization

potential of the metal Me, is more negative than the hydrogen 
equilibrium potential ne.r. Equations (24.18) and (24.19) permit 
calculating the potential of a metal undergoing corrosion and also 
the rale of corrosive destruction provided only that the exchange 
currents, transfer coefficients and the equilibrium potentials of I he 
anodic and cathodic reactions are known.

The polarization diagram in Fig. 24.6 and also Eqs. (24.18) and 
(24.19) refer to the case where the corrosion rate is determined by 
purely kinetic limitations, i.e., by activation polarization. This 
corresponds to corrosion with hydrogen depolarization. Another 
important case of electrochemical destruction of metals is their
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corrosion willi oxygen depolarization. Since the solubility of oxygen 
in aqueous media is low and its diffusion coefficient is much smaller 
than llial of hydrogen ions, Ihe rale of corrosion with oxygen depo
larization is usually limited by diffusion. A typical polarizaliou 
diagram for corrosion with oxygen depolarization is presented in 
a simplified form in Fig. 24.7. In this case the corrosion rale is 
equal to the limiting current for diffusion of oxygen to the surface 
of the corroding metal:

icor =  Oi>,I (2^-20)

The rate of corrosion with oxygen depolarization is therefore almost 
independent (within certain limits) of the nature of the dissolving 
metal, in particular on its equilibrium potential and the anodic 
polarization. This can easily be seen from corrosion diagrams con
structed for three dissimilar metals Al, Al, and A I-., (dot-and-dash 
lines in Fig. 24.7). Corrosion with oxygen depolarization may be 
accompanied by corrosion due to hydrogen evolution if the equili
brium potential of the hydrogen electrode in a given solution is 
more positive than that of the corroding metal (cf. dashed lines 
/, 2, and :f in Fig. 24.7). The limiting current is determined by the 
solubility of oxygen and by its diffusion coefficient, but it docs not 
depend on the nature of the metal on which oxygen is reduced. 
As a result, the rate of corrosion with oxygen depolarization depends 
on the purity of the metal to a lesser extent than the rale of corrosion 
with hvilrogcn depolarization, and it varies more widely with 
the rate of agitation of the solution and the mode of oxygen transport 
to the metal.

24.6. METHODS OF CORROSION PROTECTION

Various methods of corrosion protection are used depending on the 
mode of corrosion and the conditions under which it occurs. The 
choice of the method is governed by its effectiveness in each particular 
case and also by economic factors. Any protective method alters the 
course of the corrosion process either by reducing its rale (corrosion 
inhibition) or by suppressing it completely. Polarization (corrosion) 
diagrams, which characterize the corrosion process most comprehen
sively. must also reflect changes in corrosion observed under the 
conditions of metal protection. These diagrams can therefore be 
used to work out possible ways for preventing metals from corrosion. 
They serve as a basis for ascertaining the specific features of pro
tective methods. In considering existing methods of protection 
we shall use polarization diagrams in a somewhat simplified form 
(Fig. 24.8). On such diagrams, a linear relation between the current 
density and the potential of each partial reaction is postulated.
34—oar,.i
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This simplification is justified in qualitative estimation of the 
peculiarities of most of the protective methods.

The effectiveness of protection is expressed hv the inhibition 
coefficient 7 or the degree of protection Z. The inhibition coefficient

Fig. 2i.8. Simplified polarization diagram for corrosion with hydrogen depo
larization

indicates the total decrease in the corrosion rate achieved by the 
method used:

v = i ! r  (2/,-21)
where fcor and i'cor are the rales of corrosion before and after pro
tection. The degree of protection indicates to what extent the cor
rosion is suppressed by the method used:

or

Z  =  — 100 per cent (24.23)

All methods of corrosion protection arc divided into four groups
1 . Electrical methods.
2. Methods based on changing the properties of a corroding metal.
3. Methods based on changing the properties of a corrosive medium.
4. Combination methods.



Ch. 24. Electrochemical Corrosion oj Metals Ml

Electrical methods of corrosion protection are based on modifying 
the electrochemical properties of a metal under the influence of 
a polarizing current. The protection of metals against corrosion by 
imposing a culhodic polarization is most widely used. When the 
potential of a metal is moved to more electronegative values (with 
respect to the stationary corrosion potential), the rate of the cathodic 
reaction increases, and that of I he anodic reaction falls (see Fig. 24.8). 
At the corrosion potential ecor the equality

was fulfilled; at a more negative value t  this equality holds no 
longer;

i'c being greater than i'„.
The decrease in the rale of the anodic reaction upon cathodic 

polarization is equivalent to the decrease of the corrosion rate.'!lie 
inhibition coefficient at the potential chosen e' (see Fig. 24.8) will 
be equal to 2 :

and the degree of protection reaches oO per cent:

z =  I for — i'cor x  100 =  i c o r - in „ ,i00 =  icr-O-Oieor y  J QQ -  5Q per CCIlt

The external current i t.v, required to move the potential to the 
value e' is the difference between the cathodic and anodic currents:

tils value in Fig. 24.8 is expressed by line ab). As the external current 
rises the potential is moved to more negative values and f >« corrosion 
rale must fall continuously. When the potential of the corrod g

current Its value in rig. (|)e Sp0Ciflc features of a given
protection current is independent o of lhe polarizalion
anodic reaction, in particular, oi conip[eielv determined by the 
accompanying this reaction; it . j„ changing from hydrogen 
cathodic polarization curve. For c' “ tjon’ current falls and becomes 
to oxygen depolarization the Pr0 ,rre0t (line cd' in Fig. 24.8). 
equal to the diffusion limiting c l .^odic polarization is used to 

The protection of metals by c ^ an(j underwatcr metal struclu- 
increase the stability  of undergrou” agressive chemical media, 
res and also of structures in cont»c



532 Part Six. The Kir of Some Electrode Processes

It is economically justified in those cases where the corrosive medium 
possesses a high electrical conductivity and the voltage drop (associat
ed with the (low of the protection current) and, hence, the power 
consumption are relatively low. The cathodic polarization of the metal 
to] be protected is achieved either by imposing a current from an 
external source (cathodic protection) or by setting up a macrogalvanic 
couple with a less noble metal (usually, aluminium, manganese, zinc 
or their alloys). This auxiliary metal acts as the anode and dissolves 
at a rate sufficient to produce the required current in the system. 
An auxiliary metal which is made to dissolve (corrode) in place 
of the metal to be protected is often called the sacrificial anode.

A method of protection of metals against corrosion has recently 
been developed, which is based on imposing anodic polarization 
This method is applicable only to metals and allovs capable of 
passivation when their potential is shifted in the positive direction, 
i.e., to metals whose anodic polarization curve is similar to the 
one given in Fig. 23.3. When the passive-slate region is attained, 
the rate of dissolution of the metal may fall abruptly and become 
lower than its rate of self-dissolution in the absence of external 
polarization.

Electrical methods of corrosion protection also include so-called 
electrical drainage used to protect buried metal structures against 
the destructive effect of stray currents. In this method, anodic 
areas which cause corrosion are detected on a buried metal structure 
and connected by metallic conductors to sources of stray currents 
(e.g. tramway rails, d-c cables). All the current will then !iow through 
the metallic conductor and the danger of an anodic reaction will 
bo eliminated.

The protection of metals based on altering their properties is 
achieved by special treatment of their surface or by alloying.

The treatment of the surface of a metal to decrease its corrosion 
is carried out by any one of the following methods: (I) coating 
a metal with surface passivating films of its sparingly soluble 
compounds (oxides, phosphates, sulphates, tungstates used separa
tely or in combination): (2) covering the metal surface with protec
tive coats of oils, greases, bitumens, paints, enamels, etc.; and 
(3) applying coatings of other metals which are more stable under 
given conditions than the metal to be protected (tinning, plating 
with zinc, copper, nickel, chromium, lead, rhodium, etc.).

The protective action of most of the surface films is achieved by 
mechanical separation of the metal from its corrosive environment. 
According to the local-cell theory, their effect is due to the increase 
of electrical resistance (Fig. 24.9n). From the standpoint of the 
kinetic theory of corrosion it should be ascribed to the setting up of 
an additional energy barrier, which increases the polarization of the 
anodic and cathodic processes (Fig. 24.9ft).
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The increased stability of iron and steel articles coaled with 
other metals is due to mechanical isolation of the surface and to 
(he alteration of its electrochemical properties. In this mode of 
protection the reversible potential for the anodic reaction is shifted 
to more positive values (coating with copper, nickel, rhodium) 
or the polarization of the cathodic reaction is increased, i.c., the 
hydrogen overpotcnlial is raised (zinc, tin, lead). As follows from 
the diagrams of Fig. 24.5 and also from Eq. (24.18) all these changes 
reduce the rate of corrosion.

The surface treatment of metals is aimed at preventing corrosion 
of machines, equipment, apparatus and household articles during

Fig. 24.9. The decrease of the corrosion rate in the presence of a protective 
surface layer due to increased ohmic resistance (a) and increased energy 

barrier (b)

transportation and storage (oils, greases, passivating films) and 
at long-term protection in service (varnishes, paints, enamels, 
metallic coatings). A common drawback of these methods is that 
when the surface layer wears out or is damaged the intensity of 
corrosion may sharply increase, and a new coaling sometimes cannot 
be applied. In this respect alloying is considerably more effective 
in increasing the corrosion resistance of metals, although it is usually 
more expensive. An example is the alloying of copper with gold. 
To protect copper reliably against corrosion it is necessary to add 
to it a considerable amount of gold (not less than 52 5 ni °;A r.nld

-C -C



the principles on which this mclliod is based, we will consider 
polentiostatic curves after Kolotyrkin. In the absence of externally 
applied polarizing current a metal is at a stationary potential e, ‘ 
(Fig. 24.10) lying in the region of its active dissolution (before 
alloying). The rale of ^corrosion is determined here by the point 
of intersection of the Tu and i n iu curves and corresponds to the 
current icor. Upon addition of a small amount of palladium (or
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The corrosion rate can also be decreased by altering the properties 
of ibe corrosive medium. This is achieved cither by special treatment 
of the medium with a view to depress its aggressiveness or by 
introducing into it small amounts of special substances, so-called 
corrosion inhibitors.

The treatm ent of the corrosive medium is carried out by any 
methods which lower the concentrations of its aggressive constituents. 
For example, in neutral salt solutions and in fresh water one of the 
most aggressive components is oxygen. It is removed by deaeration 
(boiling, distillation, bubbling with an inert gas) or by binding 
it with appropriate reagents (sulphates, hydrazine, etc.). The lowering 
of the oxygen concentration diminishes almost linearly its reduction 
limiting current and hence (see Fig. 24.7) the rale of corrosion of 
the metal. The aggressiveness of the medium can also be depressed 
by alkalization, decreasing the total content of salts and replacing 
more aggressive ions with less aggressive ones. In the anticorrosive 
treatment of water aimed at depressing its scale-forming tendency 
it is very often purified with ion-exchange resins.

Corrosion inhibitors arc classified as liquid-phase and vapour-phase 
or volatile, depending on the conditions of their use. Liquid-phase 
corrosion inhibitors are subdivided according to their utilization 
(in neutral, alkaline or acidic media). The inhibitors most often 
used for neutral solutions are inorganic compounds of the anionic 
type. Their inhibiting effect is evidently associated either with 
tiie oxidation of the metal surface (nitriles, chromates) or with (he 
formation of a film of a difficultly soluble compound between the 
metal, the given anion and. possibly, oxygen (phosphates. Iivdro- 
phosphalesl. An exception is benzoates, whose inhibiting effect is 
mainly associated with adsorption phenomena. All corrosion inhibi
tors used for neutral solutions slow down predominantly the anodic 
reaction, causing a shift of the stationary potential in the positive 
direction (see Fig. 24.5). No effective corrosion inhibitors have 
been found so far for protection of metals in alkaline solutions. 
Only high-molecular-weigh I compounds possess some inhibit ivo 
properties.

Corrosion inhibitors for acidic solutions are almost exclusively 
organic substances containing nitrogen, sulphur or oxygen in the 
form of amino, imino, and thio groups and also as carboxyl, carbonyl 
and some other groups. It is commonly held that the inhibiting 
action of organic substances is due to their adsorption at the metal- 
acid interface which retards cathodic and anodic reactions, thereby 
reducing the corrosion rate. In connection with the predominantly 
adsorptive effect of organic inhibitors of acid corrosion the magnitude 
of the surface charge of the corroding metal, i.e., the value of its q> 
potential, is of special importance for understanding the mechanism 
of their inhibiting action and for a rational approuch to the deve-
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lopmenl of new inhibitors. The application of the correlative scale 
of potentials allows one to use data of eleclrocapillary measurements 
on mercury in solutions containing organic substances in order 
to estimate their efficiency as corrosion inhibitors for iron and 
other metals in contact with acidic media. Knowing the <p potential 
of the metal subjected to corrosion, one can calculate the inhibi
tion coefficients as well as predict which substances will act as corro
sion inhibitors. Experimental values of the inhibition coefficients

F}«: ? ? ,« , Comparing experimental and calculated (straight line) coefficients 
ol inhibition of the acid corrosion of iron on addition of different amounts of 
uiotnyiamine. Filled and empty circles represent experimental data obtained 

by different authors

for retarding the corrosion of iron in acidic media in the presence 
of different amounts of diethylamine are given in Fig. 24.11 along 
with the theoretical straight line plotted according lo the equation

log v =  consls +  consl0 log c (24.24)
where consl.s is a quantity constant for any member of the homolo
gous series of aminos and pyridincs, and const0 and p0 arc found 
from eleclrocapillary measurements on mercury.1'

However, adsorption is only a necessary precondition for the 
manifestation of the inhibiting effect of organic substances, and it 
docs not determine completely the actual effect of inhibitors. This 
actual effect depends also on many other factors, viz. the olectroche- 
mical characteristics of a particular corrosion process, the nature

k s S S S s  “3 1 =  t w - r a ;
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of Ilio cathodic reaction, the magnitude and nature of hydrogen 
overpotenlial (in corrosion with hydrogen depolarization), possible 
chemical transformations of inhibitors during corrosion, etc. In 
certain cases the effects of these factors may prevail, in which case 
simple relations like Kq. (24.24) cease to operate. I3ut even then 
they arc useful becuuse they allow one to judge the mechanism ol 
inhibition on the basis of deviations observed.

The effect of most of corrosion inhibitors used in acidic media 
is reinforced by the addition of surface-active anions: halides, 
sulphides and rhodunidcs.

Vapour-phase inhibitors are used for corrosion protection ol 
machines, apparatus and other metal articles during their service 
in the air medium, during transportation and storage. Vapour- 
phase inhibitors are sprinkled as a solid in a container or packing 
case, or placed in a muslin bag close to the surfaces to he protected. 
Owing to the sufficiently high vapour pressure volatile inhibitors 
reach the metal-air interface and dissolve in the moisture 01m 
covering the metal. Then they are adsorbed from the solution on the 
metal surface. The inhibiting eOecls in this case are similar to those 
observed with liquid-phase inhibitors. The compounds commonly 
used as vapour-phase inhibitors are amines of low molecular weight, 
to which corresponding groups (e.g. NO* or CO:) are added. In 
connection with the specific conditions of their use the toxicity 
of vapour-phase inhibitors should be kept to a minimum.

To protect metals against corrosion, combination methods are 
often used. For example, to prolong the service life of underground 
pipelines, mechanical means of corrosion protection (insulating 
materials, bitumen compositions, etc.) are used in combination with 
cathodic protection, which prevents the metal from corrosion at 
spots unprotected by the insulating layer. Paints used to prevent 
metals from corrosion contain a corrosion inhibitor: thus mechanical 
protection is combined with electrochemical protection. The imposi
tion of cathodic polarization enhances the retarding effect of inhi
bitors in neutral and acidic media. In the first case the effectiveness 
of corrosion protection is increased mainly by alkalizing the solution 
near (he metal surface, which facilitates the formation of difficultly 
soluble compounds. In acid media an increase in the efficiency 
of protection results from the increase in the adsorbability of organic 
cations when the potential of tko metal is shifted in the negative 
direction, i.e.. when its negative charge is increased. Some organic 
substances which do not affect the corrosion of iron in neutral media 
become efficient inhibitors when the cathodic polarization is applied.

The net effect of combined protective methods is usually higher 
than tho separate effect of the corresponding individual methods.



CHAPTER 25  

Some Problems of M odern 
Electrochemistry

I’rescnt-day electrochemistry has not only solved many old pro
blems of classical electrochemistry hut also formulated new problems 
and developed novel trends called forth by the general progress 
of science and technology.

Mention should primarily be made of such new trends as the 
electrochemistry of semiconductors, chcmolronics, and fuel cells.

Semiconductor electrochemistry as a new branch of theoretical 
■electrochemistry owes its origin to two main factors. I'irsl. many 
electrochemical processes taking place at the electrode-electrolyte 
interface actually occur on a surface exhibiting the properties of 
semiconductors and having all the intrinsic features of this type 
of material. The conductivity of these surface layers--metal oxides 
and hydrides, intermelallic compounds, etc. —lies between the 
conductivities of metals and dielectrics. It is sensitive to I lie presence 
of traces of impurities and increases with temperature, in contrast 
to the conductivity of metals. The passage of a current through 
semiconductors is accomplished, in a general case, bv electrons 
(/i-lype conductivity) or by holes, i.c., vacancies left after electrons 
have moved to another energy hand (p-type conductivity). In contrast 
to metals, in semiconductors there is a wide space-charge layer 
near their contact with other phases, which complicates the picture 
of the electric double layer. Interpretation of the kinetics of many 
electrochemical reactions (processes in chemical sources of elec
tricity, anodic dissolution of metals, etc.) is therefore impossible 
without elaboration of the electrochemistry of semiconductors. 
Second, an important role in the technology of production of semi
conducting materials used to fabricate electronic devices, solar 
batteries, etc., is played by processes which are electrochemical 
in nature. Among these processes are the anodic and ordinary etching 
of semiconductors, the deposition of thin layers of a metal on the 
surface of semiconductors, etc.

C.hemolronics, which has emerged only recen tly , is concerned 
w ith  e lec trochem ical system s capable of function ing  as ind iv idual 
com ponents and even assem blies in in trica te  elec tron ic  and cybernetic  
c ircu its . R e la tive ly  sim ple electrochem ical cells (and th e ir  com bi
nations) can he used as diodes, pressure pickups, in teg ra to rs , m ulti-
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pliers, memory devices, etc. Tlie specific feature of chemotronic 
devices is that they are most convenient for measurements and 
control of processes involving comparatively low frequencies (usually 
below 1000 Hertz) at which electronic and semiconductor devices 
are almost inapplicable. This feature of chemotronics arisen from 
the fact that, in distinction to radio valves and semiconductors, 
in which the electrons and holes are charge carriers, in chemotronic 
devices this role is pluyed by ions, i.e., particles having a considera
bly larger mass and interiaand. therefore, moving at a lower velocity. 
Another specific feature of chemotronic devices is that the flux 
of charged particles can be controlled not only by imposing an 
electric field, as in radio valves and semiconductors, but also by 
mass transfer, i.e.. changing the conditions of diffusion and con
vection. Thanks to this property chemotronic devices are more 
universal than electronic and semiconductor devices.

S till another feature of chemotronic devices is the nature of the 
medium in which charge carriers migrate. The medium presently 
used in chemotronic devices is a solution (usually aqueous) of a cor
responding electrolyte (commonly potassium iodide with a small 
amount of iodine), in radio valves, the electrons move in a vacuum, 
and in semiconductors, in crystal lattice interstices. According 
to Lidorenko, who outlined the prospects of practical application 
of chemotronic devices, most diverse materials may be used as 
working media in chemotronic devices.

The third trend in the progress of electrochemistry is linked with 
the development of so-called fuel cells. This problem is of special 
topical importance and deserves a more detailed consideration.

A fuel cell (or an electrochemical energy producer) is an electro
chemical device intended for direct conversion of chemical energy 
contained in the system “fuel — oxidant" into electrical energy.

At present, the most widespread method of utilizing the chemical 
energy of a fuel is to burn it up in steam boilers or in internal-com
bustion engines. Here the chemical energy of the fuel is transformed 
into the heat energy of the reaction products:

fuel -S- oxygen =  reaction products (heat energy)
Since the ultim ate purpose of operation of any engine is to perform 
some work, the transformation of chemical energy into heat is 
followed by the conversion of this heat into mechanical energy 
and then, if required, into electrical energy. Thus, the following 
energy-conversion cycle is accomplished:

chemical energy -i- heat mechanical energy
electrical energy

All the three stages of energy conversion involve losses. However, 
while a t stages 1 and III these losses may in principle be reduced
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to a negligible value (depending merely on the perfection of the 
design), stage II involves losses which cannot be avoided by any 
improvement of the engine design. The reason lies in the specific 
nature of heal as a form of energy.

Heal is the energy of chaotically moving molecules. The transfor
mation of heat into the energy of oriented movement of macroscopic, 
bodies (mechanical energy) or into the energy of an oriented flux 
of charged particles (electrical energy) is possible only if there 
are two heal reservoirs: a source at a higher temperature 75 and 
a_sink at a lower temperature T,. The degree of conversion of heat 
Q into work A depends on the ratio of these temperatures and cannot, 
even under the most favourable conditions, exceed the value defined 
by Carnot’s theorem:

In practice, the efficiency of steam engines is i-8 per cent, that 
of powerful heat-and-power stations up to 30 per cent, and of power
ful stationary internal-combustion engines from iU to 50 per cent. 
Thus, in present-day heat engines 50 to 95 per cent of the original 
chemical energy of a fuel is wasted, the greater part of these efficiency 
losses being unavoidable.

In contrast to heal engines, in fuel cells the chemical energy is 
directly converted into electrical energy without an intermediate 
heat stage:

chemical energy electrical energy
Thus the limitations imposed by the second law of thermodynamics 
do not apply here, and theoretically an efficiency close to 100 per 
cent can be achieved.

In a fuel cell, the overall chemical reaction of fuel combustion 
fuel -r oxidant =  reaction products — Q

is split up into two interconnected partial electrochemical reactions 
taking place at electrodes and involving electrons:

(1) at anode: fuel =  fuel oxidation products —
(2) at cathode: oxidant-r zc =  oxidant reduction products

When passing through the external circuit from the anode to the 
cathode the electrons can perform useful work. In other words, 
the chaotic movement of electrons between the reacting particles, 
accompanied by the evolution of heat (ordinary combustion), is 
replaced by an ordered transfer resulting in useful work (electroche
mical combustion).

In a fuel cell, as in any other galvanic cell, the amount of energy 
that can be converted to work corresponds to the change of free
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energy (or Gibbs free-energy change) in the reacting system:
A mtts =  zFE =  — AG (25.2)

1 he total change of the chemical energy stored in the reacting system 
corresponds to the enthalpy (heat-content) change or to the thermal 
effect of the reaction

Q =  - A / /  (25.3)
'Ihe difference between AH and AG is called the bound energy 
of the system: when a galvanic cell is operating, this energy can 
be converted only to heat but not to work:

A// -  AG =  TAS (23A)

lhe thermodynamic efficiency of a fuel cell is determined, as in the 
case of a heat engine, by the ratio of the work which can be obtained 
from the cell to the heat effect of the reaction.

zFE AC _  . TAS
Q “  AH 1 AH (25.5)

.As can he seen from Eq. (25.5), the thermodynamic efficiency of 

.a fuel cell depends on the magnitude and sign of the entropy change 
•during the reaction. It is usually a small value and the efficiency 
is as a rule close to unity (to 100 per cent); it mav be smaller or 
greater than unity. I11 the latter case not only the entire internal 
.energy of the system ( - A H) is converted to useful work but also 
a certain amount of heal absorbed by the cell from the environment 
■Conversely, if A5 <  0, then the efficiency will be smaller than 
unity and the corresponding part of the thermal effect, equal to 
TAS. is dissipated as heal. M

If the reaction involves gaseous substances, their contribution 
to the total entropy is greatest since the gas stale is the least ordered 
one. Accordingly when gaseous substances are consumed in the 
•course of the reaction the entropy of the system mav bo expected 
to decrease, and the theoretical efficiency will be‘smaller than 
unity; when gaseous substances are formed, the opposite effect 
is observed, i.e.. the entropy of the system will ;™L* V1» 1 
efficiency will he greater than unity. For example at room tem 1,6 
ture the reaction of coal combustion P ’ r°°m teraPMa-

C -r 0 . =  CO,

S - 1  mtlsMmve <*ange

rjy riio T  Th>
C -i- './,0s =  CO
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under the same conditions gives, respectively, 1.25 and 0.7V. Tor 
a reaction in a hydrogen-oxygen fuel cell (An -  —1.5)

II, -r  ‘/,0 , =  II,0  (liquid) 
one has 0.83 and 1.23V.

Technical data for some combustion reactions which can be used 
in fuel cells are listed in Table 25.1.

Technical Data for Some Combustion Reactions

The practical efficiency of the existing fuel cells is much lower 
than theoretical (50-80 per cent), but greatly exceeds the efficiency 
of heal engines.

Thus, the foremost feature of fuel cells is the possibility of direct 
conversion of chemical energy into electrical at a high efficiency. 
It should he noted that this specific feature, as well as all the above 
thermodynamic regularities, refers not only to fuel ceils hut also 
to conventional chemical sources of electricity —galvanic cells and 
storage batteries. In these, as mentioned earlier, the chemical 
energy of active substances is also directly converted into electrical 
energy. Fuel cells differ from ordinary electrochemical energy pro
ducers in that the reactants (fuel and oxidant) are not incorporated 
into the electrodes beforehand, but are continuously fed to them 
during operation. This is the reason why fuel celis can operate 
continuously for an indefinite period of time while the reactants 
are supplied and the reaction products removed. Continuous opera
tion is the second distinctive feature of fuel cells.

Fuel cells possess other, less unique features, owing to which 
they are preferred in a number of special fields of application. These 
include the absence of moving parts, constant readiness for operation, 
high effectiveness over a wide range of loads, silent operation and. 
for some types of fuel cells, the absence of harmful waste products.

A clearcut formulation of the advantages offered by the electro
chemical burning-up of a fuel in comparison with ordinary chemical 
combustion reactions was first given by Yablochkov in the 1880's.
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and al I he same lime lie received his first palenI for llie invention 
of the fuel cell. Later the idea of the fuel cell was developed by 
Oslwuld. However, attempts at constructing a fuel cell suitable 
for practical use faced considerable difficulties at the very outset 
due primarily to the electrochemical inertness of coal. Kven ul 
temperatures of the order of 1000'C the rale of the electrochemical 
huruing-up of a solid fuel remains loo low. Besides, a cell using 
a solid fuel soon becomes inoperative because of the accumulation 
of ash. Fuel cells in which a solid fuel is used indirectly as a reducing 
agent have proved somewhat more effective. In these cells the 
eleclrochemically active substances are appropriately selected redox 
systems. For example, the following processes can he used: 
at the negative electrode

Sit24 Sn2 + 2e
at the positive electrode

Br2 -f-2e-*-2Br-
The letravalenl stannic ions formed are reduced externally by 

a primary fuel (coal) and the bromide ions are oxidized by atmo
spheric oxygen and then fed hack to the cell to complete the cycle. 
Redox fuel cells, as they are called, have not yet found practical 
application, but work along these lines is in progress.

At present all attempts al using solid fuels in fuel cells have 
been abandoned and attention is mainly focused on the use of gaseous 
and liquid fuels, which exhibit a higher chemical activity and are 
technologically more convenient. The most promising liquid fuels 
are methyl and ethyl alcohols, formaldehyde, and hydrazine; 
efficient gaseous fuels include ethylene, butane, propane and other 
hydrocarbon gases, vapour-phase gasoline, carbon monoxide, and 
hydrogen. I he oxidant is predominantly oxygen (pure oxygen or 
air), but other oxidants (e.g., hydrogen peroxide, chlorine and nitric 
acid) arc also used for special purposes.

The development and construction of efficient fuel cells is a highly 
complicated engineering problem, and its solution has become possible 
only within the last 10-15 years due to the latest achievements in 
electrochemistry. Fuel cells have to meet a number of rather stringent 
and sometimes contradictory requirements. The basic requirement 
is to provide sufficiently high rales of electrode processes for a long 
period of lime. To put it differently, the electrodes of a fuel cell 
must possess a high electrochemical activity, i.e., provide high 
current densities at low' polarization. The second requirement refers 
to the electrolyte. It must possess a high ionic conductivity and 
stability, i.e., its composition must remain unchanged during its 
interaction with the fuel, oxidant or reaction products. At the 
same lime the electrolyte should not cause corrosion of the electrode
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or other parts of the cell. Fuel cells have to meet other requirements 
as well. They include a continuous and uniform supply of active 
substances to the working surfaces of the electrodes, removal of the 
reaction products from the cell, compactness and lightness of the 
construction, and a long service life.

This set of requirements is very difficult to meet and therefore 
■only a few constructions of fuel cells suitable for practical use arc 
known at present, though intensive research is being carried on in 
a number of countries.

The high electrochemical activity of electrodes of fuel colls is 
achieved by various methods: increase of the temperature, use 
•of catalysis and of electrodes with a large surface area, etc. A con
siderable increase in temperature (up to /i00-900°C and higher) 
is usually resorted to in cases where clectrochcmically inactive 
substances, e.g., hydrocarbon gases and carbon monoxide, arc emplo
yed as fuels. A device working at such temperatures is called 
a high-temperature fuel cell; an important contribution to the develop
ment of this type of fuel cell was made by Davlyan (IMG). The 
electrolytes used in high-lcmpcralure fuel cells are either molten 
carbonates (or metal hydroxides) or solid electrolytes possessing 
a sufficient ionic conductivity at high temperatures. The advantages 
of such fuel cells are the possibility of using low-activity and rela
tively contaminated fuels and the high intensity of the process. Their 
disadvantages are the difficulties associated with operation at high 
temperatures and with selecting stable materials, high consumption 
of energy for heating and compensation of heat losses.

There are fuel cells with aqueous electrolytes operating at slightly 
elevated temperatures (180-250°C) and a pressure of f> to 50 atm. 
They are called moderate-temperature fuel cells. This category includes 
first of all the hydrogen-oxygen cell designed by Bacon, in which 
an alkaline electrolyte and porous nickel electrodes are used. Modera
te-temperature fuel cells with concentrated phosphoric acid as the 
electrolyte may prove suitable for electrochemical burning of gaseous 
hydrocarbon fuels.

Much attention is focused at present on low-lemperalurc fuel 
cells operating at temperatures up to 100°C. Such cells are simpler 
in design and considerably more convenient in operation than 
high- and moderate-temperature ones. The electrode processes in 
low-temperature cells are accelerated by using catalysts of maximal 
activity. However, since such catalysts are highly sensitive to con
taminations, only sufficiently pure substances may be used as fuels 
and oxidants.

Present-day low-temperature hydrogen-oxygen fuel cells have 
a current density of up to 300 mA/cm- and a specific power of up 
to 200 W/kg. fn fuel cells operating on a liquid fuel (alcohol) these 
characteristics are approximately one order of magnitude lower.
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In low-temperature hydrogen-oxygen fuel cells so-called gas-diffu
sion electrodes arc widely employed. These are porous metallic (most 
frequently nickel) plates consisting of two layers. One layer, in 
contact with the electrolyte, has small pores and faces the other 
electrode; this layer, called the electrolyte retainer, is backed up 
with another layer in contact with the gas phase and having larger 
pores (the supporting or working layer). This electrode structure, 
originally developed by Bacon, provides a large interface between 
the gas and the electrolyte and ensures their intimate contact. The 
interface is here in the immediate vicinity of the surface of the solid 
phase on which the electrochemical reaction takes place. The gas 
is prevented from bubbling through the electrode by the capillary 
pressure of the liquid contained in the small pores of the retaining 
layer. Thus a full utilization of the combustible gas and oxygen 
is achieved.

A catalyst is introduced into the supporting layer. The catalyst 
used for a hydrogen electrode is finely divided nickel (Raney nickell 
produced by leaching aluminium out of its alloy with nickel. The 
remaining nickel has a distorted crystal lattice and a large surface 
area reaching 100 nr/g. It is therefore a very active catalyst for the 
ionization id' hydrogen. It was first used in the fuel cells invented 
by Jusli1’. The oxygen electrode usually contains silver as an nctivo 
ingredient. which serves as catalyst for decomposition of hydrogen 
peroxide, ihe primary product of the cathodic reduction of oxygen 
in the all..dine solution.

Porous electrodes are the scene of complex and interrelated proces
ses, which may briefly be described as follows. The gas, penetrating 
through the liquid-free pores into the supporting layer of the elec
trode, dissolves in the electrolyte film covering the inner surface 
of the poic ■ and then, diffusing through the film to the metal surface, 
is adsorbed on it. 'llien follows ionization of Ihe adsorbed gas, 
i.e., the ob rlrochcmical process, which is accompanied by the gene
ration of electricity. Ihe products of the electrode reaction diffuse 
through li.e electrolyte film frem the supporting layer into the 
space between the electrodes.

'1 ho direct ly measured electrochemical parameters of porous electro
des (their macrokinetic characteristics) are determined hv the super
position of ihe processes described above, which ure associated both 
with the nature of the elementary electrode reaction (microkinetics) 
and with the transfer of the substance and electricity inside Ihe 
electrode pores (inacrofaclors). 1 he interplay of Ihe micro- and macro
factors results in the intensity of the discharge process being distri
buted unevenly over the inner surface of the porous electrode. The

JusU,Sn ^  * ° SK lhff inwn,OT’
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highest intensity is usually observed on the electrolyte side of the 
electrode, to which the current passes easily through the liquid 
contained in the small pores. The intensity of the process gradually 
decreases in the bulk of the electrode. Therefore the efficient operation 
of gas-diUusion fuel cells requires not only the use of a highly active 
catalyst but also a rational choice of the porous structure of the 
electrode to ensure optimum conditions for supply of reactants 
to the inner surface.

Apart from porous nickel electrodes, carbon electrodes activated 
by small amounts of metals of the platinum group (c.g. Kordesh 
cells) are also used in some types of low-temperature fuel cells. 
In carbon electrodes, the necessary separation of the gas from the 
liquid in the bulk of the supporting layer is achieved by partial 
bydrophobization of the carbon material.

All hydrogen-oxygen (oxyhydrogen) fuel cells with a liquid electro
lyte operate almost exclusively on alkaline solutions. These electro
lytes have some shortcomings. First of all, they are carbonized 
when the air is blown through them. Besides, even when no current 
is drawn from the cell, the potential of the positive electrode is found 
to be lower than the reversible potential of the oxygen electrode 
iindergivon conditions. This is attributed to the fact that the reduc
tion of oxygon in alkaline solutions may lead to the formation of 
hydrogen peroxide instead of water with the resulting decrease in the 
electrode potential and the number of electrons participating in the 
reaction. The electrode material must therefore be catalylically 
activo with respect to the reaction of hydrogen-peroxide decomposi
tion.

Acid electrolytes are free from these shortcomings, but their 
use requires electrode materials of sufficiently high corrosion resi
stance. The bost results have so far been obtained by using acid 
fuel cells with ion-exchange membranes. In fuel cells of this type 
tho electrodes are made of silver gauze (for the oxygen electrode) 
and of platinum or palladium gauze (for the hydrogen electrode), 
and the electrolyte is a thin film of an ion-exchange resin, in which 
tho current is carried practically by a single species of ions.

Tho development of fuel cells is closely linked with the problem 
of utilization of the chemical energy of by-products from chemical 
and electrochemical processes for generating electricity. For example, 
eloctrical energy can be obtained through decomposition of sodium 
amalgam, which is an intermediate in the mercury method of produc
ing chlorine and caustic soda. A number of other chemical transfor
mations can also he effected in principle via electrochemical processes 
to produce electricity as a by-product.

And, finally, fuel cells might be used in the future in combination 
with biochemical agents for rational utilization of organic waste 
and also of marine flora and fauna cast in tremendous amounts onto
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sca and ocean shores. In such biochemical fuel cells, the organic 
substrate is oxidized with the aid of enzymes or corresponding 
microorganisms. A number of such substances have already been 
found. It has been established that they may produce either direct 
or indirect effect. In the direct mechanism the fuel and enzvmes 
(or corresponding microorganisms) are to be in direct contact with 
the negative pole of the fuel cell. In the case of the indirect mecha
nism the effect of bacteria consists in splitting off hydrogen, which 
is then supplied to the electrode and is oxidized to produce water 
Bacteria capable of functioning in biochemical fuel cells include’ 
for example, Pseudomonas methanica. For their vital activity these 
bacteria make use of the carbon from methane or methyl alcohol 
with the simultaneous liberation of hydrogen. In the presence of 
these microorganisms either direct or indirect activation of the 
organic fuel is possible. A somewhat higher potential is produced 
in the first case, evidently due to the evolution of atomic hydrogen.

Properly organized large-scale research and engineering work on 
the development oPefficient fuel cells carried on in many countries 
creates the necessary prerequisites for their utilization in the various 
branches of technology. The principal field of application of fuel 
cells at presenilis the power supply of communication systems and 
airborne equipment (in spacecraft). It may be expected that fuel 
cells will lind wide use as a source of power in transportation (electric 
automobiles, electric locomotives, and other means of transportation 
which do no: contaminate the atmosphere with harmful combustion 
gases), for the storage of energy from wind-driven generators, etc. 
The application of fuel cells instead of turbogenerators at large 
electric stations is now considered hypothetical because of their 
low efficiency when conventional fuels are used and because of the 
short service life of the existing fuel cells.
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Dobyc-Hiickcl solution model, 125 
Dobyc-Hiickcl theory, 55 

comparison with experiment, 02f 
first (point-charge) approximation, 

59, 60, 62 
second approximation (finite-ion- 

size model), 65, 66, 95 
Dobyc-Onsager theory of conductance,
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Degree of dissociation, 34, 41, 140 
and concentration, 123 
of some electrolytes, 41 

Degree of protection, 530, 531 
Dendrites, 358, 478,
Density gradient, 320 
Depassivation potential, 506 
Depolarization, 310, 452-3 
Depolarizers, 453 
Deposition 

and crystallization, 347 
metal, 350, 351, 353, 354, 375, 477ff 
metal, and nucleation, 351, 352, 354 
metal, and screw dislocation, 353, 

354
metal, steps in, 350 
of silver, 312-3, 353 
of sodium, 375 
of zinc, 375 

Derivative curves, 408 
Derivative oscillopolarographic cur

ves, 409, 410 
Desorption potential, 255 

negativo, 493 
Dielectric constant, 56, 64, 76, 78, 79, 

90, 284
and concentration, 67, 89
and dissociating power of solvents.

76, 77 
of organic substances, 77 
of solutions, 79 
of water, 77 

Dielectric saturation, 78 
Differential capacity, 254, 262, 282 
Differential capacity curves, theory 

of, 262
Differential capacity method, 271 
Differential polarograms, 408, 409 
Differential polarographic raothod, 408 
Differentiating solvont, 98 
Diffusion, 142IT 

convoctivo, 320
effect of ion-ion interaction, 148 
and electrical conduction, 148 
of eloctrolyto, 145, 146 
of individual ions, 144, 145, 146
molecular, 320 
nonstationary. 113 
steady-state, 143, 146, 149, 150, 402 

Diffusion coefficient(s), 143, 145, 146 
147, 148, 400 

and concentration, 148, 150
interaction, 149 
Nornst, 149 

Diifuse-layor theory, 285 
Diffusion layer, 152, 321, 337

thickness of, 328, 329, 333, 334

Diffusion mechanism, of hydrogen 
evolution, 422 

Diffusion overpotential, 317-34, 486 
importance of, for electrochemical 

processes, 333 
no-convection theory of, 321-9 
in redox reactions, 452 
theory of, taking into account 

convective diffusion, 329-33 
under stationary conditions, 332 

Diffusion potential, 29, 145, 146. 
150-4, 213 

determination of, 152 
Diffusion potential 

equation for, 152 
ffenderson theory, 152, 153 
Planck thoory, 152, 153 
salt bridge method, 154 
thermodynamic treatment of, 150 

Diffusivity, see Diffusion coefficient 
Dilution, 35 

Ostwald’s law of, 35 
Dipole moment, 78 

induced, 78 
permanent, 78, 263 
of water molecules, 81 

Direct compensation method, 388 
Direct (primary) coulometry, 306 
Discharge current density,' 475 
Discharge stop, 361, 363 
Discrcteness-of-chargo effects, 292 
Dislocations, 353, 354 
Dispersion of conductance, 130 
Dissociation constant, 34, 42, 43, 130 
Dissociation, degree of, 34, 41 
Distribution of charges, 57 
Dropping morcury electrode, 333, 395, 

396
Dropping morcury electrode method, 

270
Drop time, 400 
Dolo theory, 179 
Dorn effect, 244
Double-layer structure, 282ft, 368-74 

Ershler theory of, 292-3 
Esin-Shikhov thoory of, 292 
Gouy-Chapman (diffuse-layer) theo

ry of, 285-8 
Grahame thoory of, 293 
Helmholtz theory of, 283-4 
Kouss theory of, 292 
Stern (adsorption) thoory of, 288-92 

Doublo sulphation, 209

Effective activation onorgy, 394 
Electrical energy, 21, 22, 29, 30. 31, 

539, 540
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anomalous, 134, 137 
and concentration, 114, llo , l «  
corrected, 135
and dielectric constant, 113 
equivalent (molar), 102, 106, 112, 

114, 115, 110, 138 
at in Unite dilution, 114 
mixed, 141, 301 
specific, 102, 115, 116 
and temperature, 116 
unipolar, 141 
and viscosity, 113 

Electrical double layer, 219, 242, 
282ft, 368, 369, 370, 450 

adsorption theory of, 288 
capncilv (capacitance) of, 283, 284, 

2S7, 288, 292 
differential capacity 274 Q 
diffuse (Gouy) region, 289, 292, 369 
diffuse-layer theory, 28o 
effect of capillary-active organic 

substances, 259 
equation for capacity of, 262 
Ershlcr model, 293 
Gouy-Chapman model of, 285-b 
Helmholtz region, 283, 289, 292, 

3f.9. 370 
Helmholtz theory of, 283 
parallel-plate condenser theory of,

specific capacities of, 259 
Stern model of, 288-92 
structure of, 282ff 
total capacity of, 292 

Electric field (potential) gradient, 101, 
102, 145, 146, 320 

Eleclroanalysis, 302-5 
Electrocapillary curves, 249, 2o0, 

251, 252
Electrocapillary maximum (ecm), 249,

250, 264
Electrocapillary phenomena, 248-64 

theory of, 253 
Electrochemical corrosion of metals,

Electrochemical desorption step, 429 
Electrochemical dissolution of metals, 

498ff
Electrochemical equivalent, 297, 298 
Electrochemical potential, 210, 212, 

360ff, 486 
and current density, 381 
in redox reactions, 452 
theory of, 362-8
theory of, with account taken ot 

dniihle-lnver structure, 368-74

Electrochemical reactions, 21, 22, 23, 
379

intensification of, 333-4 
multistcp (consecutive), 379-80 
order of) 384 
rate of, 301, 363 
redox, kinetics of, 45211 

Electrochemical reactor, 308 
Electrochemical redox reactions, 452 

adsorption phenomena in, 469-76 
experimental data on, 454 
steps in, 400 
theory of, 459 

Electrochemical step (act), 360, 380-6 
Electrochemical systems (cells), 24, 

190ff
Electrochemical system 

allotropic, 192 
amalgam, 193-4 
anionic, 195 
cationic, 195 
chemical 

complex, 201 
double, 201 
simple, 197 

classification of, 190 
component parts of, 23-4 
concentration, 190, 193-7 
equilibrium conditions in, 294-o 
— , 194
gravitational, 191 
irreversible, 31-2irrovorsiDic, o,-- 
phase composition of, 210 
physical, 190, 191 
potential differences in, 209B 
reversible, 30 
thermodynamics of, 2oH 
thermogalvanic, 183 
types of, 191-204 
Volta physical theory of, 216-8 

Electrochemical scries, of electrode 
reactions, 181-2 

Electrochemical theory of corrosion, 
522

Electrochemistry, 21 
of aqueous and nonaqueous solu

tions, 24 
of gases, 24 
of melts, 24

Electrochemistry
industrial, 333, 407, 413 
preparative, 407 
of semiconductors, 144,,538 
some problems of, 538 

Electrocorrosion, ol-
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Electrophoresis, 243, 244 , 245 
Electrophoretic oltcct, 131, 149 
Electrophoretic force, 126, 130 
Electrophoretic velocity, 274 
Electroplating, 477 
Eloctropolishing, 499 
Elcclrorolining, 477 
Electrostatic forces, G3, 252, 283 
Electrostatic potential, 59 
Eleclroslriction, 77, 79 
Electrotyping, 477 
Electrowinning, 477 
Elcy-Evans cycle, 82-3 
Energy 

activation, 23, 393 
chemical, 30, 31, 539, 540 
conversion cycles, 539-40 
free, 26 
hydration, 5G 
internal, 26
of ionic interaction, 53, 56 
solvation, 69 

Energy producer, 308, 309, 539 
Enforced dissolution, 498 
Enthalpy (heat content), 26, 541 
Entropy, 26

of hydration, 89 
of solvation, 88 

Equilibrium electrode potentials, 15511 
Equilibrium crystal shape, 350 
Equivalence point, in conductomotric 

titration, 121 
in potcntiometric titrations, 206,

Eq.: ivalenl conductance, 102, 106, 
125, 126, 127 

d concentration, 114, 115, 116,

and relaxation effect, 127 
at zero concentration, 106 

Erdey-C.ruz-Volmcr formula, 374 
Esin-Markov cUcct, 292 
European convention, 159 
Evans diagram, 522 
Excess surfneo energy, 345 
Exchango of charges, 219 
Exchange current density, 227 , 228, 

242, 295, 363, 365, 366, 374, 
380, 381, 382, 391, 395, 517 

Exit work, 223
Exlensivily (extensive factor), 30 
External circuit, 24 
External current, 531 
External (outer) potential, 211, 212 
Extraneous inns. 320. 416, 426

Fajans method, 84 
Faradalc rectification, 392 
Faraday number, 26 
Faraday’s constant, 26 
Faraday’s laws, 297f 

possible deviations from, 300 
and rate of electrochemical proces

ses, 301
Fick’s laws, 142. 143. 144, 332 
Film thoory of pnssivity, 508 
Finite-ion-sizo model, 65 
First-class conductors, 24, 107, 141 
Flade potential, 506 
Forced convection, 320_
Formation constant, 485 
Free energy change, 25 
Frenkel’s molecular-kinetic theory of 

liquids, 93 
Freundlich’s adsorption equation, 

433
Frictional coefficient, 103 
Frumkin-Damaskin equation, 262 
Frumkin isotherm, 261, 262 
Frumkin's theory of adsorption or 

organic molecules, 259-63 
Frumkin's theory of slow discharge, 

449
Fuel cells, 466, 467 , 539 , 540 

with biochemical agents, 546-7 
fuels for, 543 
high-tcmpcraturc, 544 
hydrogen-oxygen, 544 
with ion-exchange membranes, 54G 
low-temperature, 544 
modcrale-lcmporature, 544 
oxidants for, 543 
redox, 543 

Fugncily, 45
Fuoss-Krnus approach, to ion pairs, 

137
Fuoss-Kraus equation, 138

Galvanic cell, 24 , 32, 308, 309 
Danicll-Jakobi, 201, 234 
Loclnncbc, 201 
Weston, 173, 198-9 

Galvani potential (difference), 2 
213, 214, 221, 222, 223, 2: 
226, 227, 229, 266 

across motal-solulion interface, 1 
ns sum of three potentials, 22 
and Volta potential, 222 

Galvanic microcells, 522, 524 
Galvnnostntic curve, 290 
Galvanostnlic method, 390 
Gas electrodes, 169-72 
Gas-diOusion electrodes, 54a
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Ghosh's theory, 54, 55 
Gibbs adsorption formula, 256 
Gibbs-Duhem equation, 31, 257, 258 
Gibbs free energy, 26, 27, 28, 69, 

226, 255, 541 
Gibbs-Helmholtz equations, 28, 76 
Glass electrode, 176-9

asymmetry potential of, 179 
standard potential of, 177 

Gorbachev method, 394 
Gouy-Chapman diffuse-charge model, 

286
Gouy-Chapman theory of double 

layer, 285-8 
Gouy length, 60
Grahame’s rational potential scale, 

269
Grotthus chain mechanism of ionic 

migration, 133, 141 
Growth sites, 355, 357 
Growth structure, 358 
Gurney equation, for electrode poten-

Guraey’s potential diagram, 235

Half-wave potentials, 396 
Heat of hydration, 69 

calculation of
by continuum method, 75 
with the aid of Haber-Born cycles, 

69-71 
chemical, 85 
experimental, 73

according to Bemal and Fowler, 
74

according to Izmailov, 74, 75 
according to Mishchenko, 74, 75 

of individual ions, 72f 
and ionic radius, 74 
real, 86
relative, 72, 73
of some compounds (table), 72 
total, 74 

Heat of solution, G9 
Heat of solvation, 69, 80, 91, 92, 93 
Helmholtz double-layer model, 283 
Helmholtz free energy’, 26, 27, 226 
Helmholtz layer, inner and outer, 293 
Hess’s law, 60, 70 
Heyrovsky-Horuiti mechanism, of 

hydrogen evolution. 377, 422-3 
Hoyrovsky theory of hydrogen evo

lution, 429 
High-frequency conductometry, 122 
High-temperature fuel cells, 544 
Horuiti theory of bydrogon evolution, 

429-30

Huckel formula, 68 
Hydration energy, 69 

calculation of
according to Eley and Evans, 82-4
modelistic methods, 80f
van Arkel and de Boer’s method.

chemical, 84, 86, 87 , 239 
of hydrogen ions, 75, 427 
real, 86, 87, 239 

Hydration of ions, 69ff. 326 
Hydration number(s), 89, 90 

and compressibility, 90 
of individual ions, 90 

Hydration shell (sheath), SO, 81, 
89, 234, 355 

Hydration (solvation) theory, of 
electrode potential, 231-41 

Hydro- and electrometallurgical pro
cesses, 477 

Hydrogen coulomctor, 300 
Hydrogen electrode, 169-70 
Hydrogen evolution, 401, 41 Iff 

activation energy of, 419 
desorption in, 420, 431, 429, 430 
electrochemical overpotonlial in, 

423-30
mechanisms of, 376, 422 
on mercury, 435 
ovcrpotential in, 413f 
on palladium, 439 
on platinum, 436-9 
possible steps and paths for, 420-3 
rate-determining step in, 429, 430 
recombination in, 420, 422, 430, 431 
scheme of, 421 
secondary, 412 
and separation factor, 441 
Tafel constants for, on metals, 415 
theory of slow recombination, 430-4 

Hydrogen gas cell, 194 
Hydrogen ions. 38, 96, 145, 411 

activity of, 178 
discharge of, 420, 465 
mobility of, 133, 413 

Hydrogen ion concentration, 38, 39 
Hydrogen isotopic separation factor,

Hydrogen ovcrpotential (overvoltage),

and catalytic activity, 415 
dependence of, on current density 

and electrode material, 413-6 
effect of solution nature and compo

sition on, 416-8 
effect of temperature on, 418 
and interatomic distance, 416 
nature of, on different metals, 434-41
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Hydrogen-oxygon cell, 197, 198 
Hydrogen-oxygen fuel cells, 544-6 
Hvdrogcn scale, 158 
Hydrophilic capacity, 74 , 81, 84 , 91 
Ilydroxonium (hydronium) ion, 133, 

134, 411 
Hydroxyl ions, 38, 96, 133

Ideally polarizable elcctrodo, 249 
Ilkovi'c equations, 399 
Indicator electrode, 178, 206 
Indifferent (extraneous) electrolyte,

Indirect (commutator) method, 389 
Indirect (secondary) coulomelry, 306 
Induced dipole momont, 78 
Inert metals, 487
Inhibition coefficient, 530, 531, 536 
Inner Helmholtz plane (IHP), 293 
Inncr-orhitnl complexes, 489, 490 
Instability constant, 207. 485 
Instantaneous current, 399 
Integral capacity, 254 
Intcnsivity (intensive factor), 30 
Intensive variables, 101 
Interaction energy, 60 
Interervstallino corrosion, 513 
Interfacial tension, 248, 272, 344, 345 
Intergranular corrosion, 513
Interionic forces, 50, 54, 65, 68, 124 
Internal electrolysis, 304 
Internal energy, 26 
Internal friction coefficient, 126, 142 
lnternal-goncration method, 306 
Internal (inner) potential, 211, 212 
International convention, 195 
Intecphase region, 151, 152 
Ion adsorption, 220 
Ion association, 67 
Ion dehydration, 354-7 
Ion-dipole interaction, 81 
Ion distribution. 54f 
Ionic activity, 45f, 178 
Ionic, adsorption method, 271 
Ionic atmosphere^jionic cloud), 56,

and ionic migration, 126 
model of, Dobye-Hiickel, 56 
relaxation of, 127 
thickness, or radius, of, 60

tnic conduction, 320 
onic conductor, 23 
onic drift. 320

Ionic interaction 
energy of, 53 
forces of, 50 
theory of, 450 

Ionic migration. 104, 126 
Ionic mobility, 105, t i l ,  112, 113 

of bromide ions, 112 
and concentration, 118 
of hydrogen ions, 112 
of hydroxyl ions. 112, 113 
of iodide ions, 112 
and temperature, 119 

Ionic strength, 51 
Ionizntion constant, 99 
Ionogcns, 137, 13S 
Ionomotry, 205 
Ion pairs. 136, 150 

Fuoss-Kraus approach, 137 
Scmenchcnkoand Bjorrum approach,

and triple ions, 137 
Ion-pair formation, 136, 137 
Ionophorcs, 136, 138 
Ion-rcchargo processes. 454, 460 
Ion removal work, 488 
Ion-sizo parameter, 65 
Ion solvation, 232 
Ion-solvent interaction, 80

mechanism of dissolution of. 503 
passivation of, 504 

Irreversible electrochemical systems, 
295
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181-2

Isotonic factor, 35, 36 
Isotopic exchange of oxygon, 442 
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Izmailov method, 91
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Lattice energy, 70 
Lattice defects, 353 
Lattice structures, 346 
Law of conservation of energy, 218 
Law of electroneutrality, 57, 58, 86 
Laws of thermodynamics, 26 
Lead (acid) accumulator, 199 

cmf of, 200 
Lead nitrate crystals, 141 
Leclanchl cell, 201 
Levelling solvent, 98 
Limiting current, 398 
Limiting current density, 325, 326, 

328, 329, 330, 331, 333, 334, 337 
Limiting current titrations, 402 
Lippmann’s first equation, 253 
Lippmann's second equation, 254, 271 
Liquid corrosion, 512 
Liquid junction potential, 29 
Liquid-phase corrosion inhibitors, 535 
Local-cell theory, of corrosion, 522 
Long-range interaction, 93 
Low-temperature fuel cells, 544 
Luggin capillary, 388, 389 
Luther's rule, 174
Lyons theory, of metal electrodepo- 

silion, 489

Macrogalvanic couple, 532 
Madclung constant, 70 
Maximum, olectrocapillary, 249, 250,

Maximum diffusion current, 398 
Moxwoll-Boltzmann statistics, 62 
Mean activity coefficient, 52 
Mean diffusion limiting current, 399 
Mean ionic diameter, 65, 66, 67, 128 
Melting, 343 
Membrane, 179, 392, 440 
Mendeleyev’s hydrate theory, 80 
Mercury coulometer, 300 
Mercury ions, 256
Mercury-mercuric oxide electrode, 167 
Mercury-mercurous sulphato electro

de, 16C-7 
Metal electrodes, 163 
Metallic alloys, 141 
Metal-metal oxide electrodes, 167-9 
Metal overpotential, 178, 315 

causes of, 496
classification of metals according 

to, 481 6
dcpendence of, on crystal face index,

nature of, 486 
Metastability phenomena, 343 
Microammeter, 396

Migration, ionic, 126, 320 
Mishchenko method, 91 
Mixed conduction, 141 
Mixed potential, 515, 516 
Modelistic methods, for calculating 

hydration energy, 80-4 K 
Moderate-temperature fuel cells, 544 
Molecular diffusion, 101, 142-8, 320 
Molecular orientation, 78 
Moving boundary method, 110 
Multiple redox electrodes, 173, 174 
Multistep^ electrochemical reactions,

Mutarotation of glucose, 96

Natural convection, 320, 330, 331 
Negative desorption potential, 493 
Negative hydration, 94 
Nemst-Briinncr diffusion-layer model 

321, 322 
Nernst diffusion coefficient, 149 
Nernst equations, 230, 366 
Nernst hydrogen scale, 158, 159 
Nernst osmotic theory, 225-31 
Nernst potentials, 212, 213, 227 
Ncrnst’s theory of electrolyte diffu

sion, 148-9 
Nickel-cadmium cell, 200 
Nickel-iron accumulator, 200 
Nikolsky theory, 179 
Nitrate ions, 141
Nonequilibrium electrode processes, 

294ff
Non-metal electrodes, 163 
Nonpolarizablc electrode, 248 
Nonstationary diffusion, 332 
Normal calomel electrode, 159 
Normal metals, 487 
Nuclcation, 343
Null points (zero-charge potentials), 

of metals, 26411, 451, 456, 474 
data on, tabulated, 276, 277 
methods for measurement of, 270ff 
theoretical calculation of, 275 
and work function, 278, 280

Ohmic polarization, 390 
Ohmic potential drop, 388,

Ohm’s law, 106, 129 
Onsager equations, 127, 128 
Onsager-Fuoss equation, 128 
Order, of electrochemical reactions, 

384
Organic adsorption, 259-64 
Organic substances, 259-64, 455, 457, 

459. 467
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Orionted adsorption of polar mole
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Oscillographic polnrography, 409, 410 
Oscillometric titrations, 122 
Oscillopolarographic spectrum, 409 
Osmotic pressuro, 41, 142, 149, 228 
Osmotic properties, 35-G 
Osmotic tnoory of cloctrode potential 

and emf, 225-31 
Oslwald scalo of potentials, 159, 264 
Ostwald’s dilution law, 35, 124 
Outer Helmholtz plane (OHP), 293 
Outer-orbital complexes, 489 
Outer potential, 211, 212 
Ovcrpotontial, 315 

chemical (reaction), 315, 335-42, 486 
diffusion, 315, 317-34 
electrochemical, 316, 360ff, 486 
hydrogen, 315, 413 
metal, 278, 315 
oxvgcn. 443 
phase. 316, 343-59, 486 
reaction, 315 
transport, 315 

Oxidation-reduction electrodes, 173 
Oxide film, 503 
Oxidimetric titrations, 207 
Oxygen electrode, 170 
Oxygen evolution, 442-51 

mechanisms of, 446-51 
polarization curves for, 445 
steps in, 447 

Oxygen overpotential, 443 
cifect of electrode material and 

solution composition on, 445 
experimental data on, 443 

Oxygen reduction, 467 
Oxyhydrogen fuel cells, 545, 546

Packing density, 348, 349, 350 
Parallel-plate condenser model, of 

double layer, 283-4 
Partial currents. 294, 295 
Partial electrode reactions, 314 
Passivating films, 532 
Passivation potential, 505 
Passivity, 504 

film and adsorption theories of, 
507-10 

Pendulum method, 273 
Permanent dipole moment, 78 
pH, 38, 39
Phase overpotential, 316, 343-59, 486, 

487
Phase transformations, 3430 
Phi-scale of potentials, 267, 268, 269, 

474. 492, 536

Photoeloctrochemistry, 25 
Physical cells, 190 

allotropic, 192 
gravitational, 191 

Pisarzhevsky-Izgaryshev thoory. 232 
Pisarzhovsky-Walden rule, 113 
Planar site, 350, 351, 355 
Planck-Henderson equations, 153 
Plano of symmetry, 348 
Point-charge approximation, Dobyo- 

Hiiclcol, 60 
Poisson oquation, 56, 57, 58 
Polarimotric titrations, 402 
Polarizability, 78 
Polarization, electrode, 309, 336 

activation, 316 
adsorption, 484 
concentration, 315 
curves, 310, 388, 445, 505 
omf of, 309
factors controlling, in cathodic 

deposition of metals, 487 
phenomena, classification of, 313-6 
in redox reactions, 452 

Polarization curve method, 388-90 
Polarization diagrams, 528, 529, 534 

for corrosion with hydrogen depola
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for corrosion with oxygen depolari
zation, 528 

Polarization resistance, 325, 367 
Polarization-time curve, 480 
Polarograms, 396, 397, 403 

differential, 408, 409 
Polarographic cell, 395, 396 
Polarographic curve, 397 
Polarographic maxima, 403-8 

of the first kind, 408 
negative, 404, 405 
positivo, 404, 405 
of the second kind, 407 
suppression of, 406 

Polarographic wave, 396, 397 
basic equation of, 399
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with amalgni......  algnra electrodes, 402
classical, 395-402 
differential, 408 
further development of, 408-10 
oscillographic, 409, 410 
with solid microolectrodes, 402 

Polycrystallinc deposits, 358 
Porous olectrodes, 545 
Positivo hydration, 94 
Potential(s), 162, 220 

chemical, 29, 101, 151, 212 
contact, 213, 214, 216, 219, 222 
depassivation, 506



S66 Subject Index

electrochemical, 210, 212 
electrode, 157, 162, 213, 216 
elcctrokinelic, 245, 282 
external l(outer), 211, 212 
Flade, 506 
Galvani, 212, 213 
internal (inner), 211, 212 
of ion. 59
of ionic atmosphere, 60 
liquid junction, 212, 220 
mediators, 176 
Nemst, 212, 213, 216 
normal, 230 
passivation, 505
phi (<p), 267, 287, 471-4, 492, -536 
real. 212, 223 
redox-kinetic, 392 
sedimentation, 243 
standard, 268
stationary (steady-stale), 296, 310, 

514, 515 
streaming, 243 
surface, 211, 212 
of uncharged surface, 265, 266, 269 
Volta, 212 
zeta, 245, 282 
of zero charge, 219, 2651 

Potential-current curves, 310, 522, 524 
Potential-curve method, 426 
Potential-determining jions, 164, 169,

Potential difference, 145, 209, 218, 219 
contact, 1214, 265 
development of, 219-21 
equilibrium, 236 
metal-electrolyte, 282 
metal-solution, 228, 239, 265 
Nemst, 214 
single, 214
at vacuum-liquid interface, 220 
Volta, 217 

Potential electrolytes, 137 
Potential gradient, electric, 320 
Potential mediators, 176 
Potential of zero charge, 265 
Potential-pH diagrams, 499, 500 
Potential-time curves, 390, 409, 410 
Potentiometric titration curves, 207 
Potentiometric titrations, 205-8 
Potentiometry, 205-8 
Potentiostatic (I vs. e) curve, 390 
Potentiostatic method, 390 
Pourbaix diagrams, 499, 500

Prandtl layer, 330, 329 
Precipitation potential, 243 
Preparation of solutions and electro

des, 394
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sheath), 80, 81, 89 
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acid, 339-40 
Protection current, 531 
Protolysis constant, 99 
Protolytic reaction, 99 
Protolytic theory <>f acids and bases. 

96-8
Proton-acceptor, 97 
Proton-donor, 97 
Proton jumps, 133 
Proton-transfer reaction, 97-8, 133 
Purity of solutions, 394

Jatemary electrolytes, 34 
)uinhydrono electrode, 176 
)uinone-hydroquinone system, 175

Radioactive isotopes, 392 
Radiotracer technique, 272 
Radiowavc polarography, 392 
Rate constant, 99. 393 
Rate-determining step (rds), 310, 315 
Rational scale of potentials 269 
Reaction rate, 371 
Reaction layer, 337 

thickness of, 338 
Reaction limiting current, 337, 339 
Reaction overpotential, 315 
Real potential, 223 
Recharging of iron ions, 311 
Recharging of surface, 246, 248 
Recombination, 341 
Recrystallization, 343, 344 
Redox electrodes, 173 
Redox-kinetic effect, 391 
Redox-kinetic potential, 392 
Redox reactions, kinetics of. 452B 

effect of electrode material and 
potential on, 455 

effect of solution composition on, 458 
Reduction, 360 

of ferric to ferrous ions, 310, 319, 
342, 361, 375 

of iodine to iodide ions, 384-5 
of persulphate ions, 456, 458 
of quinono to hydroquinone, 460 
of vanadate to vanadyl, 361 

Reference electrodes, 165 
Reference ion, 57
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Relaxation effect, 120, 149 
Relaxation force, 130, 131 
Relaxation time, 126 
Removal or hydrogen atoms, 420-2, 435 
Repulsion coefficient, 70 
Repulsive forces, 50, 05 
Resistance polari/.ation, 390 
Resistivity, 102
Reversible electrode potential, 295 
Reversible systems, 25ft 
Richardson constant, 224 
Richardson equation, 224 
Robinson-Slokos formula, 95

Sacrificial anode, 532 
Salt bridge method, 154 
Samoilov's theory, of electrolytic 

solutions, 93-4 
Scale of potentials 

absolute, 84, 159, 204, 207, 208 
correlative, 267, 208, 209, 474, 

492, 536 
hydrogen, 159, 207, 268 
rational, 269, 270 

Schlicren microscopy, 319 
Screw dislocations, 353 
Secondary cells, 200 
Secondary hydrogen evolution, 412 
Secondary reference electrodes, 165 
Secondary solvent sheath, 89 
Second-class conductors, 23, 102 
Sedimentation potential, 243 
Selective adsorption of ions, 220 
Selective reduction of organic com

pounds, 457 
Semiconductors, 538 
Shedlovsky formula, 128 
Short-circuit electrolysis, 304 
Short-range interaction, 93 
Silver halide crystals, 141 
Silver-silver chloride electrode, 166-7 
Silver-zinc cell, 200 
Simple redox electrodes, 173, 174 
Single electrode potentials, 157 
Slipping plane, 246 
Slow-dischargo overpotential, 360 
Slow-dischaigc theory, 360, 465, 503 
Slow-ionizntion overpotential, 360 
Slow-recombination theory, 430-4 
Smoothing agents, 484 
Soil corrosion, 512 
Solid microclectrodes, 402 
Solid salts, 141 
Solubility product, 167 
Solvated electrons, 386-7

Solvation of ions, 09ff 
entropy of, 88 

Solvation hoat(s), 69. 91 
of alkali metal halides, 80 
chemical, 92 

Solvation energy, 69, 76, 91 
calculation of

Izmailov method, 91 
Mishchenko method, 91 

chemical, 92 
Solvation number, 89 
Solvent sheath (shell), 89 
Space current density, 453 
Specific adsorption, 209 
Specifically adsorbed ions, 250, 266 
Specific conductance (conductivity), 

102
Specific resistance, 102 
Spontaneous dissolution, 498 
Slain corrosion, 513 
Standard buffer solutions, 41 
Standard chemical potential, 54 
Standard electrode potentials, 158, 

1800
in diOcrcnt solvents, 233 
table of, 181-2 

Standard exchange current, 366 
Standard half-cells, 165 
Standard hydrogen electrode, 159 
Standard Weston cell, 173, 198 
Standard potentials, of some metals 

(table), 208 
Standard (reference) state, 88 
Stationary potential, 296, 310, 515, 

518, 526, 527 
Steady-state di8usion, 143, 146, 149, 

150, 402 
Step site, 350, 351, 355 
Stem equation, 290 
Stem theory of double layer, 288-92 
Stockholm convention, 159, 162 
Stoichiometric number, 386 
Stray-current corrosion, 512 
Streaming, mercury, 405, 407 
Streaming potential, 243, 244 
Sublimation, 343, 344 
Substance producer, 308, 309 
Subsidiary reference electrodes, 165 
Supporting electrolyte, 398 
Superposition of potentials, law of, 80 
Surface-tension decrement, 471, 472 
Surface-active ions, 417, 418 
Surface-active substances, 227, 406, 

408
Surface concentration, 256 
Surface coverage, 260 
Surface diffusion, 355, 357 
Surface hardness method, 273
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Tafel-Honiiti mechanism, of hydro
gen evolution, 422 

Tangential motions, 407 
Temporature coefficicnt(s) 

isothermal, 181-2 
thormal, 181, 183 

Temperature-kinetic method, 394 
Texture, 358 . . .
Theory of double sulphalion, 200

Thermionic current, 224 
Thermochemical olfects, 28, 36 
Thormogalvanic cell, 183 
Thomson formula, 344, 349 
Thomson principle, 26, 27, 28 
Three-dimensional nucleation, 343, 

344, 346, |347 , 351 
Throwing power, 119 
Titrations

amporometric, 402-3 
conductomotric, 120 
coulometric, 306 
high-froquoncy, 122 
oscillomctric, 122 
poteutiomotric, 205-8 

Trnnscrystallino corrosion, 513 
Transfer coefficient, 364, 380, 381, 

382, 383, 391, 448, 527 
Transference number, see Transport

numbor
, 371

Transpassivity, 505 
Transport numbers, 106, 110, 131-3 

opparont (Hittorf), 132, 133 
ana concentration, 117 
determination of 

Hittorf's method, 107-10 
moving boundary method, 110 

and temperature, 1 3 
true, 132 
Washborn, 132 

Transition (electron-transfer) over
potential, 316 

Triple ions, 137, 138 
Two-dimensional nucleation, 351, 354

Ulich method, 89 
Unit cell, 348

Van Arkel and de Boer’s method, 80-1 
Van der Waals equation, 45 
Van der VVaals forcos, 63, 252 
Van’t Hoff’s factor, 36 
Vapour-phase inhibitors, 535, 537 
Vibrating [boundary mothod, 273 
Vibrating electrodes, 402 
Viscosity, 113, 119, 135 

kinematic, 329 
Visual polarography, 396 
Volatile inhibitors, 535 
Volatility, 45
Volmer-Frumkin mechanism, of hyd

rogen evolution, 376 
Volmer-Heyrovsky mechanism, of 

hydrogen evolution, 422, 435 
Volmer-Tafel mechanism, of hydrogen 

evolution, 422 
Voltajjjotential, 212, 213, 215, 222

and Galvani potential, 222 
across solution-metal interface, 239 

Volta series, 182 
Volta theory of electrochemical 

systems, 216-8

Walden's rule, 76, 77 
Washborn transport numbors, 132 
Water i

anomalous properties of, 82 
association, 82 
dissociation constant of, 38 
electrochemical stability of, 188 
electrolytic decomposition of, 443 
electrolytic dissociation of, 37-41 
ionic product of, 38, 168 
structure of, 82 

Weak [electrolytes, 125 
Webb theory, 77-9 
Weston cell, 173, 198-9 
Wien effect, 128-31 
Wood alloy, 179
Work function, 223, 224, 225, 238, 

239, 240, 278, 279, 280, 281 
Working (test) electrode, 388

Zero-charge potentials), 265 
of motals, 276 

Zeta potential, 245, 246, 247, 426
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